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Social Responsibility 


M. ‘CH IS WRITTEN these days on needed increased social responsibility by the 
scientist and engineer. The implication is made that many of our present-day problems stem 
from the technical advances born of research, and that if social responsibility had always been 
properly placed, we would perhaps not be bothered as we are with many irritating gadgets or the 
problems they create. The atomic bomb is the latest example uppermost in the public mind. 

Now this is passing the buck, plain and simple. There is no denying we iace problems, and that 
many of them are posed by technical advances of the past twenty years. But the present-day fail- 
ure to achieve peace of mind cannot be charged to the scientist who seeks truth, or to the engineer 
who applies it. Truth is eagerly welcomed by any vigorous freedom-loving, forward-looking people. 
Their fear is rather of the character and purpose of those who avoid or reject truth and whose 
distorted judgement may determine the ultimate use of technical knowledge. 

Admittedly, men in scientific laboratories should increase their recognition of social problems 
and take a hand in solving them. They should less and less associate themselves with the sullen 
role of “good citizens” who believe in the right things but who do nothing to forward their accept- 
ance. But responsibility of scientists, in this regard, is no greater nor any less than of other men 
and women of equal talent and education. 

When a groceryman Sells a loaf of bread, he is not held accountable that its final use is for 
social good. It is considered enough that he sells bread. An automobile salesman may unknow- 
ingly dispose of his product to thief or statesman. The steel maker’s wares may go into blackjacks 
or surgical instruments. Similarly, the scientist and engineer contribute knowledge and machines 
that can be used for either social gain or social loss. 

The physician assisting in childbirth may slap the back and set into breathing a future president 
of the United States or a future rival of Al Capone. Which the child becomes is not so much the 
doctor’s responsibility as that of the child’s parents, the schools, the churches, and the com- 
munity. In the same sense, the idea born in the hands of a scientist or engineer is a contribution 
for better or for worse, whichever the world makes of it. 

The present urge should be not for increased social responsibility of the scientist and engineer, 


but for increased social responsibility, period! 
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Electrochemistry at Dow 





Mercury Cell Process Makes 


Migh Purity Caustic Soda 


Better caustic soda for industry! 
Here’s a typical example of electrochemistry’s service to industry 
. the development of the horizontal type mercury cell which 
produces a high-grade caustic soda. 
Caustic soda is extremely important to a wide variety of indus- 
tries. Such industries as Soap, Synthetic Detergents, Textiles, 
Chemicals, Rayon and Petroleum, to name only a few, use vast 
tonnages of caustic soda. Product improvement by these indus- 
tries created a requirement for high purity caustic soda. 
Through research development by the electrochemical industry 
the horizontal type of mercury cell was developed. This new 
revolutionary cell efficiently produces, by means of electrolytic 
action on salt brine, high purity caustic soda and chlorine for the 
more exacting demands of industry. 
This is only one “case history” of electrochemistry’s outstanding 
record of service ... a record in which Dow has been glad to par- 
ticipate. In the future, as in the past, Dow will continue to devote 
its energies and resources toward better methods, better products 
. through electrochemistry. 


THE DOW CHEMICAL COMPANY 
MIDLAND, MICHIGAN 








Dow’s caustic soda is con- 
stantly checked to assure uni- 
form quality. 
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Vapor Pressure of Beryllium Oxide’ 


N. D. Erway? ann R. L. Serrerr? 


Argonne National Laboratory, Chicago, Illinois 


ABSTRACT 


The vapor pressure of beryllium oxide has been measured by a modification of the 
Knudsen effusion method, utilizing radioactive ,Be? as tracer. In the experimental 
temperature range of 1950° to 2150°C the vapor pressure is given by the equation 


34,230 


1ogi0Pmm = 18.50 _ 


- — 2 logiT’ 


The boiling point of liquid beryllium oxide is estimated to be 4120 + 170°C with a molar 
entropy of vaporization at the boiling point of 25.6 + 2.7 eal/deg. 


INTRODUCTION 


The physical properties of beryllium oxide qualify 
it for many uses, particularly at high temperatures. 
Its volatility at high temperatures has frequently 
been assumed to be rather great because of the ob- 
served loss in weight of beryllia crucibles when fired 
in gas-heated furnaces. Beryllia is detectably volatile 
at temperatures as low as 1250°C in the presence of 
water vapor (1). Observations in this laboratory of 
weight loss by beryllia crucibles when heated in 
vacuum indicated a much lower volatility of beryllia. 
Since many applications of beryllia can be made in 
water-free atmospheres this investigation was under- 
taken to measure the equilibrium vapor pressure of 
beryllia in vacuum. 

The Knudsen (2) effusion method is excellent for 
the measurement of very low vapor pressures. The 
accuracy of such a determination may be increased 
by use of radioactive tracer in sufficient concentra- 
tion and by modification of the original Knudsen 
method to eliminate error due to the collimating 
effect of a nonideal orifice. This modification of the 
Knudsen method has been discussed in detail by 
Phipps, Sears, Seifert, and Simpson (3) and has 
been used by them and by Rudberg and Lempert (4). 

The beryllia was heated in vacuum in a wolfram 
oven provided with a small sharp-edged circular ori- 
fice. The weight, w, of material effusing per sec from 
a perfect ‘“‘knife-edge”’ orifice under these conditions 
is given by the kinetic theory of gases. 


a pd” /M 
1 VY 2RT 


w (I) 
where p is the vapor pressure of the material at oven 
temperature 7’, d is the diameter of the orifice, .W is 
the molecular weight of the vapor, and F is the molar 
gas constant. The intensity of vapor effusing in dif- 
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ferent directions from a perfect ‘“knife-edge”’ orifice 
is given by the cosine distribution law (5). An ori- 
fice having an edge of finite thickness partially colli- 
mates the beam, reducing the intensity of vapor 
effusing at small angles to the plane of the orifice but. 
having negligible effect on the intensity at small an- 
gles to the normal to the plane of the orifice. In this 
investigation a small portion of the effusing vapor 
was collected from the region where the cosine dis- 
tribution law is valid. This was accomplished by 
placing a collector disc behind a circular collimator 
which was held in a plane parallel to the plane of 
the orifice, with the line joining the centers of colli- 
mator and orifice normal to their planes. The mole- 
cules passing through the collimator represent a 
definite fraction, f, of the vapor which would have 
effused from a perfect “knife-edge” 
eter equal to that of the orifice used. 


orifice of diam- 


9 


dD 


ies D? + 4r? (II) 


where D is the diameter of the collimator and r is 
the distance from orifice to collimator, 

The weight, w, of BeO that condensed on the col- 
lector dise was accurately determined by use of ,Be7 
as tracer. The activity of the deposit of condensed 
vapor was measured and compared with that of a 
standard reference disc which contained a known 
amount of the homogeneous mixture of radioactive 
and stable beryllia that was present in the oven. 

! Manuscript received February 27, 1950. This paper, pre- 
pared for delivery before the Cleveland Meeting, April 19 
to 22, 1950, is based on work performed under Contract No. 
W-31-109-eng-38 for the Manhattan Project at the Argonne 
National Laboratory. 

2 Present address: 686 Oak Street, Oregon, Wisconsin. 

’ Present address: Department of Chemistry, Indiana 
University, Bloomington, Indiana. 
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‘The vapor pressure, p (in mm of Hg), of BeO at 
oven temperature, 7 (in deg K), was then calcu- 


lated by the relation, 


| 2R\1 ¢ g(D* + 4r’) T 
— ‘ / ( 
P —_ 4 T ), Cot D?d? V M am) 
or 
0.3641 ¢ g(D® + 4r’) T 
(IV) 
to De Vm " 


where ¢ is the time in minutes of collection of vapor, 
¢ is the counts per minute of deposit on the collector 
disc, ¢,, is the counts per minute of material on the 
standard reference dise determined under the same 
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Fig. 1. Apparatus for the measurement of the vapor 


pressure of beryllium oxide. 

counting conditions as ¢, g is the weight in grams of 
material on the reference disc converted to equivalent 
mass of radioactive tracer molecule, and VV is the 
molecular weight of the effusing tracer molecule. It 
is reasonable to assume that beryllia vaporizes as 
BeO. Therefore the value of .V used in this investi- 
gation was 23. The values of d and r, measured at 
room temperature, were corrected to oven tempera- 
ture T in each case. 


APPARATUS 


The apparatus is shown in Fig. 1. The oven, A, 
which contained the beryllia crystals, consisted of a 
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wolfram crucible, B, 0.52 em OD, 0.30 em ID by 
1.6 cm, resting in a tantalum heating block, C, 1.9 
cm diam by 2.65 em. The wolfram crucible extended 
slightly above the tantalum block. A 5 mil (0.013 
cm) wolfram orifice plate, D, 2.1 em diam, was spot- 
welded to the rim of the wolfram crucible and ex. 
tended beyond the edge of the tantalum block. The 
diameter of the orifice, 2, was 0.0414 em. A 0.15 em 
hole, F, through the bottom of the tantalum block 
served as a black-body hole for the determination of 
the oven temperature with the optical pyrometer, G, 
The oven was supported by three pointed wolfram 
legs, H, 0.10 em diam, standing respectively in the 
conical hole, V-groove, and flat of the fused quartz 
oven support, 7. The oven was heated inside the 
water-cooled fused quartz jacket, J, by the induc- 
tion heating coil, K 
The collector disc, L, 
oven orifice by the fused quartz collimator piece, 


was held 3.28 em above the 


M, which rested on the supporting ridge formed by 
the inner wall of the fused quartz jacket. Two types 
of collector dises were used, fused quartz dises and 
beryllia dises. The dises were 2.5 em diam by 0.2 em 
thick. 

N is a 34/45 standard taper joint. Apiezon ‘“W” 
was used to seal the joint. Fused quartz to Pyrex 
graded seals are shown at O in Fig. 1. P designates 
a Pyrex optical window. Q is a silvered prism. The 
combined transmissivity of the prism Q and _ the 
lower optical window P was measured. both before 
and after the vapor pressure measurements. The 
transmissivity had decreased 2 per cent during the 
series of measurements. Proper corrections were 
made on all temperature readings. 

The apparatus was evacuated by a pumping system 
that maintained a pressure of 10-° mm of Hg in the 
apparatus while the oven was held at 2100°C. 


PROCEDURE 


The beryllia crystals used in these measurements 
were prepared from a solution of beryllium nitrate 
obtained from W. Rubinson. The solution contained 
a small amount of ;Be? produced with the Berkeley 
cyclotron by a (d, n) reaction with ;Li®. An aliquot 
of the original beryllium nitrate solution was evapo- 
rated on a fused quartz plate identical with the 
fused quartz collector discs. This plate was later 
used as a standard reference disc. Beryllium hy- 
droxide was precipitated with gaseous ammonia and 
collected in a weighed platinum filtering crucible. 
All washings were collected, acidified with nitric acid, 
and an aliquot evaporated on a fused quartz plate. 
The beryllium hydroxide was ignited to constant 
weight. This data permitted the calculation of the 
weight of beryllia on the standard reference plate 
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This weight was 43.1 ug of BeO, which on a molar 
basis was equivalent to 39.7 wg of radioactive BeO. 

A 90 wg sample of the final beryllia crystals was 
analyzed spectroscopically and found to be at least 
99.2 per cent pure BeO. 

The oven was thoroughly outgassed by heating in 
vacuum to a temperature greater than 2100°C for 
eight hours. Then 2.65 mg of the beryllia crystals 
were carefully introduced through the oven orifice 
by use of a fine wolfram point. Inspection under 
high magnification revealed no change in size or 
shape of the orifice during the spot-welding of the 
orifice plate or the outgassing or filling of the oven. 

After assembly of the apparatus and evacuation to 
a pressure of 10~® mm or less, the oven was heated 
as rapidly as possible to the desired temperature. 
Temperature readings were made at intervals of 0.5 
minute or less until the oven reached the desired 
temperature. Thereafter, the temperature was meas- 
ured at! intervals of five minutes. From the initial 
rising temperatures the effective starting time was 
estimated for the exposure. The average of the tem- 
perature measurements made thereafter was taken 
as the oven temperature during the exposure. (The 
root mean square deviation from the average of all 
the temperatures measured during an exposure was 
less than 3°C in most cases. The maximum root mean 
square deviation was 5.4°C for exposure number 6.) 
At the end of each exposure the induction heating 
shut off temperature 
dropped very rapidly. The maximum total uncer- 


current was and the oven 
tainty in exposure time resulting from the estimation 
of effective starting time and stopping time was in 
no case greater than 0.5 minute. Exposures were 
made for varying times, ranging from 60 to 470 
minutes, and for varying oven temperatures, ranging 
from 2140° to 1977°C. Exposure times were selected 
for each oven temperature to give approximately the 
same amount of beryllia deposited on each collector 
dise. 

As soon as the oven reached temperature equilib- 
rium the temperature of the orifice plate was meas- 
ured through the top optical window and the fused 
quartz collector dise. Correction was made for the 
transmissivity of Pyrex window and fused quartz 
plate and for the emissivity of the wolfram surface. 
Within the possible experimental error of about 10°C 
there was no temperature difference between the 
top and the bottom of the oven. However, when the 
oven was opened at the end of the experiment the 
crystals of beryllia had sublimed to the bottom side 
of the orifice plate. Therefore a slight temperature 
gradient must have been present during some or all 
of the exposures. 

After the oven cooled to room temperature the 
vacuum was broken, the upper optical window was 
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cracked off above the graded seal, and the collector 
dise was removed and mounted for counting. A clean 
collector dise was introduced and the above proce- 
dure repeated. 

The activity of the beryllia deposit on each collec- 
tor dise was measured with a Geiger-Mueller counter 
tube. The activity of the standard reference dise was 
measured under identical conditions immediately be- 
fore or immediately after each collector dise. With 
each disc this was done for different aluminum ab- 
sorbers in the range 400 to 1000 mg Al per em’. 
With every deposit but one (target No. 7) the activity 
at the time of counting was greater than 100 counts 
per minute at 405 mg Al per em*. For all collector 
dises except the first one the ratio ¢/c,, [see equa- 
tion (IV)] was found to be constant within the 
statistical counting error for all absorbers exceeding 
100 mg Al per em*. The average value of c/c,¢ ob- 
tained with different absorbers was used for each 
disc. The behavior of ¢c/c,, for the first collector disc 
was due to the presence of a radioactive impurity. 

One exposure was made to give a considerably 
heavier deposit than was formed on the other dises. 
A radioactive decay curve was obtained for this de- 
posit. 


RESULTS 

The aluminum absorption curve of the first collee- 
tor dise indicated the presence of a small amount of 
radioactive impurity in the original beryllia crystals. 
This impurity, however, was much more volatile 
than the beryllia and all of it volatilized during the 
exposure of the first collector dise. The relatively 
high concentration of the impurity on the first dise 
permitted measurements which indicated a half-life 
of 13 days for the impurity and a “Feather Range” 
(6) of 700 mg Al per cm?, which corresponds to a 
maximum 8 energy of 1.54 mev (7). The impurity 
was not identified by chemical separation. The small 
amount of impurity on the standard reference disc 
did not influence the results since the ratio c/c,; was 
determined with aluminum absorbers ranging from 
100 to 1000 mg Al per cm?, 

Fig. 2 gives the absorption curves for the standard 
reference dise and for the sixth collector dise, which 
had the heaviest deposit of all the collector dises. 
The data for the two dises have been superimposed 
and normalized to 100 counts per minute at zero 
absorber for the standard reference disc. The linear 
portion has a slope of — (3.45 + 0.04) & 10-°, ob- 
tained by a least squares calculation based on all 
points to the right of 250 mg Al per cm?, which 
corresponds to a y energy of 0.54 mev (7). Decay 
curves at different absorber thicknesses gave a half- 
life of 53 days. Brown and Hill (8) found a half-life 
of 53 days and a y energy of 0.45 mev for ,Be’. 
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The values of the vapor pressure of beryllia as 
calculated from the data are given in Table I in the 
order obtained. The mass of beryllia collected on 
each dise is given in Table I in terms of equivalent 
The the 
values of vapor pressure given in this table included 


mass of tracer molecule. caleulation of 
the correction for the slightly different rates of effu- 
sion of tracer molecule and stable molecule. However, 


no correction has been made for possible variation in 
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Fic. 3. Vapor pressure curve for beryllium oxide. The 
dotted line corresponds to the apparent vapor pressure ob 
tained with quartz collector discs. The solid line corre- 
sponds to the true vapor pressure as obtained with beryllia 
collector discs. 


the equilibrium vapor pressure of the two molecular 
species. 

The results given in Table I are shown in Fig. 3. 
The dotted line corresponds to the following equa- 
tion which is obtained from the data for all points 
except 8 and 11. 


10810 Pmm = (18.28 + 0.23) 


_ (34,230 + 530) _ gyn (YY) 
T “ 10 


This equation for the apparent vapor pressure of 
beryllia is based on the assumption that the differ- 
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ence in molar heat capacity of gas and solid is equal 
to 2R cal/deg. The constants were evaluated by the 
method of least squares. 

The values of p for points 8 and 11 are greater 
than given by this equation by 69 per cent and 65 
per cent, respectively. Since the beryllia collect; 
dises were probably at a higher temperature tha 
the clear fused quartz dises this cannot be due en- 
tirely to a temperature effect on the condensation of 
the vapor. Relative counting efficiency with quartz 
and beryllia backing was checked by counting one 
of the quartz dises when placed deposit side doy 
on a beryllia dise and also on another quartz di 
The measured activity was the same in each case. It 
was therefore concluded that the larger deposits on 
discs 8 and 11 were real and due to a difference in 
accommodation coefficient of beryllia vapor on a 
quartz and on a beryllia surface. The accommoda- 


TABLE I. Vapor pressure of BeO 
Disc =.) 3 , Vapor pressure Disc Temp Weight Vapor pressure 
No 2 a = mm Hg No 4 BeO ug mm Hg 
1 1977, 2.61, 2.22 KX 10-4, 8* 2081 | 7.30 | 1.67 X 10 
2 1999) 1.98 3.28 x 10-4, 9 2124 3.94 | 1.81 X 10 
3 2052 2.64 6.59 K 10°* 10 2040) 2.91 6.57 X 10 
4 2076 2.75 9.94 K 10-4 11* 2039 4.09 | 9.20 « 10° 
5 2140 2.90 2.16 X 10-3 12 2047 | 2.67 | 6.04 x 10° 
> 2087/11.00 1.04 K 10-3 13 2130 3.89 | 1.78 «K 10° 
7 2002 1.20 3.27 x 107-4 


* Obtained with BeO collector discs. 


tion coefficient of barium oxide vapor on a bar 
oxide surface has been found to be unity (9). If « 
accommodation coefficient of unity is assumed for 
beryllia vapor on a beryllia surface, the resulting 
value on quartz in this temperature range would be 
about 0.60. If this value is constant in the small 
temperature range covered, the vapor pressure of 
BeO will be 67 per cent greater than given by equa- 
tion (V). Addition of logy 1.67 to equation (V) gives 
the corrected experimental vapor pressure equation 
for beryllia 


1lOZ10 Prom = (18.50 = = 0.23) 


_ (34,230 + 530) _ (V1) 


T 2 logio T 
for the temperature range 1977° to 2140°C. 

The boiling point of beryllia was estimated by 
Mott (10) to be 3900°C. He based this estimate on 
the relative volatilities of various substances in an 
electric are. The experimental method of Mott is 
most accurate when the only change at the are elee- 
trode is volatilization of the oxide. Tiede and Birn- 
brauer (11) found that beryllia reacts with graphite 
at the melting point of beryllia and that the result- 
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ing beryllium carbide is volatile at this temperature 
of formation. This would result in a greater apparent 
volatility of the beryllia and a low estimated boiling 
point. Mott (10) suggests that for the oxides studied 
by Tiede and Birnbrauer (11) the absolute boiling 
ints at 760 mm pressure would be approximately 
» per cent greater than the vaporization tempera- 
ture obtained under the conditions of their determi- 
nation. On this basis Mott gives the boiling point of 
beryllia as approximately 4100°C. 
The boiling point of liquid beryllia at 760 mm 
sssure can be estimated from equation (VI) and 
following quantities: the melting point of beryl- 
lia, an estimate of the entropy of fusion, and an 
estimate of the difference in molar heat capacity of 
liquid and vapor. The melting point of beryllia is 
2800° + 30°KK (12). For the purpose of this calcula- 
tion the molar entropy of fusion of beryllia is taken 
as 6.0 + 0.5 cal/deg. The molar entropies of fusion 
of MgO and CaO are respectively 6.4 and 4.1 cal /deg 
as calculated from heat of fusion and melting point 
data given by Kelley (13). The molar entropy of 
fusion of FeO is 6.1 cal/deg as calculated from the 
data given by Chipman and Marshall (14). The dif- 
ference in molar heat capacity of liquid and vapor 
beryllia is taken as 7 + 1 cal/deg. If these values 
are assumed to be correct and are combined with 
equation (VI) one obtains 4120° + 170°C for the 


normal boiling point of beryllia. The value obtained 


for the molar entropy of vaporization at the boiling 
int is 25.6 + 2.7 eal/deg. 
he above computations assume that the beryllia 

‘s not dissociate in the vapor phase. Lustman (15) 
has compiled dissociation pressure data for various 
oxides. An extended extrapolation of his curve for 
beryllia from 1500° to 4120°C indicates that the 
partial pressure of oxygen above BeO at 4120°C is 
about 0.01 mm Hg. Considerable error may result 
from such a rough extrapolation of low temperature 
data. However, the dissociation pressure of the oxide 
must be considerably greater than this valife to af- 
fect appreciably the above calculations. 

It is of interest to note that because of the prop- 
erties of molecular effusion and the formula weights 
of the the conclusions 
drawn from the experimental data would not be 


substances here involved 
greatly different even if one assumed complete dis- 
sociation in the gaseous phase in accordance with 
the equation 


BeO (s) = Be (g) + 3 Or (g) (VII) 


In this case the quantity calculated by equation 
(IV) would be pg., the partial pressure of beryllium 
vapor in the oven. The values used for g and M in 
equation (IV) would have to refer to corresponding 
weights of beryllium. This would result in values for 


PRESSURE OF 


BERYLLIUM OXIDE 87 


Pse Which equal 0.552 ppeo, where Ppeo is the vapor 
pressure of beryllia as given in Table I. Therefore 
Po., the partial pressure of oxygen in the oven, 
would equal 0.276 pgeo and the total pressure in the 
oven at each temperature would be 0.828 ppeo. If 
AC, for reaction (VII) above the melting point of 
beryllia is taken as —8 cal/deg and the same values 
are used for the melting point and entropy of fusion 
of BeO as were used in the above estimate of boiling 
point, the temperature at which the total pressure 
of beryllium vapor and oxygen equals one atmos- 
phere is found to be 4040°C. This agrees within ex- 
perimental error with the value of the normal boil- 
ing point obtained with the assumption that no dis- 
sociation occurs, 

If the wolfram oven reacted with the beryllia or 
with the oxygen resulting from dissociation of the 
beryllia, the values obtained herein for the vapor 
pressure of beryllia would be high and the estimated 
boiling point would be low. According to the equa- 
tions given by Thompson (16), the partial pressure 
of oxygen above WO, at 2300°K would be 3.9 X 107 
mm Hg. Lustman (15) gives the value as 1.2 & 107% 
mm Hg at 2300°K. Since the maximum partial 
pressure of oxygen that could have been present in 
the wolfram oven during these measurements was 
0.276 times Preo, the value at 2300°K would have 
been only 2.2 X 10-‘ mm of Hg. Therefore it is rea- 
sonable to conclude that there was no reaction with 
the crucible resulted in a volatile WO 
species for which no data are available. 

The results of measurements indicate, 
therefore, that the volatility of beryllium oxide in 
vacuum is much lower than its volatility in the 
presence of water vapor. In order to attain a vapor 
pressure of 2 X 10° mm Hg, which is the vapor 
pressure of mercury at 26°C, beryllium oxide must 


unless _ it 


these 


be heated to 2096°C in vacuum. Its vapor pressure 
at the melting point, 2530°C, is 0.24 mm Hg. There- 
fore, if used in vacuum or an inert atmosphere, 
beryllium oxide may be used at temperatures up to 
2000°C without appreciable loss by volatilization. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1951 issue of the 
JOURNAL. 
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The Dissociation of Beryllium lodide in Platinum Containers’ 


BERNARD KOPELMAN 


AND HARRY 


BENDER 


Sylvania Electric Products Inc., Metallurgical Laboratories, Rayside, New York 


ABSTRACT 


Equilibrium measurements have been made of the dissociation 


within the temperature range 575 


of beryllium iodide 


1060°C in platinum containers. The measurements 
were only partly successful because of reaction of the Bel 


¢ vapor with the platinum. 


Under equilibrium conditions, beryllium iodide vapor will not decompose into its ele- 
ments to any measurable extent at temperatures up to 1200°C. 


The dissociation constants and heat of dissociation of dimeric beryllium iodide into 


its monomer have been determined. 


INTRODUCTION 


The iodide process for producing titanium, zirco- 
nium, and other metals has reached an advanced 
stage of development (1). Little is known, however, 
of the fundamental factors involved in this cyclic 
process. 

It is possible that both thermodynamic and kinetic 
aspects play vital roles in this hot-wire technique. 
From a kinetic standpoint, any one of the three fol- 
lowing steps could be the rate-determining one: (1) 
the rate of iodide formation from the feed metal and 
iodine; (2) the rate of thermal diffusion of the formed 
iodide from the feed to the hot wire or the rate of 
diffusion of free iodine away from the vicinity of the 
hot wire; or (3) the rate of thermal decomposition 
of the iodide on the hot wire. 

In the past, there has been some belief that the 
thermodynamics of the system plays the deciding 
role. Under this concept, the metal iodide migrates 
toward the hot wire, and becomes hot in the close 
vicinity of the wire. It then thermally decomposes 
and the metal vapor formed condenses on the hot 
wire. The extent of dissociation of the iodide in the 
space close to the wire would, of course, be governed 
by the thermodynamic equilibrium. 

Several investigators have attempted to prepare 
beryllium by this iodide process (2, 3). Usually glass 
or quartz bulbs were used, so that the resultant de- 
posit was contaminated with silicon resulting from 
the reaction: 


SiO. + 2Bel.(v) S 2BeO + Sil,(v). (1) 


Nevertheless, appreciable amounts of metallic beryl- 
lum were obtained at the cracking temperatures of 
750°-900°C, 
Interest in the hot-wire process for reducing beryl- 
' Manuscript received April 26, 1950. This paper prepared 
for delivery before the Cleveland Meeting, April 19 to 22, 
1950, and presented with the permission of the U. 8. Atomic 


Energy Commission who have sponsored this work under 


Contract At-30-1 GEN-366. 


lium iodide has continued, since it is hoped that an 
uncontaminated deposit might yield a metal of 
greater ductility than is presently obtainable by 
melting and casting or by powder metallurgy tech- 
niques. 

This paper represents an attempt to obtain equi- 
librium measurements of the dissociation of beryllium 
iodide into its elements at the temperatures normally 
used in hot-wire cracking. It was realized that the 
problem of a container would be a serious one, but 
this did not seem as formidable as attempting equi- 


librium measurements on zirconium iodide, at its 
cracking temperature of 1300°C and up. In the 


latter case, the container would need temperature 
stability as well as inertness to zirconium iodide, 
zirconium, and iodine. 

Direct equilibrium measurements at hot-wire tem- 
peratures would answer quite definitely whether the 
thermodynamics of the system is of consequence in 
an actual cracking bottle. 


Theoretical 
It is not possible to make an exact thermodynamic 
calculation for the reaction 


Bel.(v) < Be(s) + I.(v) (IT) 


since neither the entropy nor the specific heat of 
beryllium iodide vapor are known. Further, the ex- 
perimental values of the sublimation of 
beryllium iodide represent a combined pressure due 


pressure 


to both the monomeric and dimeric forms of beryl- 
lium iodide, and thus are expected to be somewhat 
below the true value for the pressure of the monomer 
(4). 

It is possible, however, to make a reasonable esti- 
mate of the equilibrium of this system. 

The entropy of beryllium iodide vapor was ob- 
tained as follows: (a) Using known entropies of the 
solid halide salts of the type MXz,, a plot of the en- 
tropies versus the logarithm of the molecular weights 
was drawn (5). From the straight line thus obtained, 
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the entropy of solid beryllium iodide corresponding 
to its molecular weight is read off. (b) The entropy 
of sublimation of beryllium iodide was calculated in 
the usual way from the sublimation pressure equa- 
tion (4) 
5990 
log P (atm) -- + 7.882. 

Additional data, such as entropies, specific heats, 
and heats of formation, are obtained from the usual 
compilations (6, 7, 8). 

The specific heat of beryllium iodide vapor is not 
known. However, since it is a triatomic gas, one can 
surmise a value of somewhere between 10 and 14 
calories /degree mole. 

Assuming a C, value of 10, the following free 
energy equation can be derived for the reaction 
Bel.(v) = Be(s) + I.(v) 

- 3.698 T In T — 0.778- 10 T, 

0.605 - 10° 
, 


(11) 


AF = 24,300 


+ 32.1.7. 


At a temperature of 1000°K, the free energy cal- 
culated using a specific heat of 14, will differ only by 
a few thousand calories from the value calculated 
using a specific heat value of 10. This is well within 
the accuracy of the data. 

The temperature of a hot wire is limited in one 
sense by the vapor pressure of the metal being de- 
posited. Too high «a vapor pressure may cause a rate 
of evaporation from the hot wire which is faster than 
the rate of deposition. It is assumed that 900°C would 
be close to the maximum operating temperature for 
a beryllium iodide cycle. 

Then, at 1200°K, AF = 30,400 cal, and the equi- 
librium concentration of beryllium is but 3-10~* per 
cent. 

Similar calculations for zirconium iodide yield 
equilibrium values of this same low order of magni- 
tude. 


PREPARATION OF BERYLLIUM IODIDE 


The material is prepared by the reaction of beryl- 
lium with iodine at 400°-450°C. The resultant crude 
material is purified by vacuum sublimation and col- 
lected in a dry box. The material must be kept in a 
sealed container and handled only in the safety and 
dryness of the dry box. It is exceedingly sensitive to 
moisture, hydrolyzing readily to beryllium hydrate. 

The chemical analysis is accomplished by dropping 
a vial containing a known weight of material into 
water. The hydriodic acid formed by hydrolysis is 
oxidized to iodine with hydrogen peroxide and sub- 
limed in a distillation apparatus. The iodine is then 
titrated with standard thiosulfate. The material is 
better than 99 per cent pure Bel», the remainder be- 
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ing primarily aluminum, magnesium, and iron jo- 
dides, which are present as impurities in the starting 
beryllium material. 


Apparatus 


Quartz or glass cannot be used as a container for 
beryllium iodide at elevated temperatures because of 
attack as discussed previously. 

Platinum was chosen as the container material 
because it, presumably, would not be attacked by 
beryllium iodide. Any platinum iodides tending to 
form decompose below 400°C, which is well below 
the tube operating temperatures. In addition, plati- 
num is easily fabricated. 

The assembly used is shown schematically in Fig. 
1. The platinum tube A is silver soldered to a stain- 
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Fic, 1, Platinum tube assembly 


less steel tube B, in turn connected to rubber tub 
ing C and stopcock D through which the platinum 
tube may be evacuated. The assembly is pumped 
down and, after closing the stopcock, is placed in an 
argon atmosphere dry box. The beryllium iodide to 
be added is weighed in a small platinum container, 
and dropped into the tube after removal of the hose- 
stopcock section. The hose-stopcock is replaced, and 
the assembly, now containing argon, is removed 
from the dry box. 

The platinum tube end of the assembly is im- 
mersed in acetone-dry ice EF and the stopcock end 
attached to the vacuum pump. The platinum tube 
is sealed off under vacuum, using a torch and the 
pressure of the vise jaws F, modified with stainless 
steel inserts. After sealing, the tube is cut and 
welded with the torch at the cut end. 

The platinum tube is suspended vertically by a 
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wire in the furnace, and after the desired time, is 
quenched in cold water. It is then cut open under a 
dish of 1 to 1 aleohol-water solution. 

The free iodine formed is determined directly by 
titration with thiosulfate solution. The undecom- 
posed beryllium iodide remaining is then oxidized 
to iodine, with hydrogen peroxide, and determined 
as described previously. 


RESULTS 
The data of the first set of experiments are given 
in Table I. The last column of this table is the ratio 
TABLE I. Equilibria concentrations in Bel, decomposition 


Bele Re 


-- Bel I eon maining Rn <. Pi, a 
| 
Temp 576° C 
0. 1820 0.0895 | 0.0893 1). 80 1.04 
0.1435 | 0.0705 0.0705 55.00 1.04 
0.1370 0.0635 | 0.0713 10.92 0.920 
(0.3010 0.1370 | 0.1589 55.00 ().895 
0.0995 0.0449 0.0531 10.90 0.880 
0.1058 0.0314 | 0.0733 2.40 0.443 
Temp 636° C 
0 0465 0.0223 | 0.02354 7.07 0.985 
0.1075 0.0482 | 0.0576 8.18 0.865 
0.0883 0.0389 0.0480 5.54 0.840 
0.1155 0.0466 | 0.0673 278 | 0.720 
0.0911 0.0329 | 0.0570 2.70 0.600 
0.1895 0.0666 | 0.1206 2.94 0.575 
Temp 766° C | 
0.0520 0.0246 0.0265 2.65 0.960 
0.1015 0.0415 | 0.0480 2.20 0.895 
().0474 0.0211 | 0.0256 1.70 0.855 
0.0532 0.0236 | 0.0288 2.82 0.850 
0.1218 0.0534 0.0666 2.70 0.830 
0). 1092 0.0447 0.0578 2.81 0.804 
0.2051 | 0.0681 0. 1350 3.13 0.522 
*P, = Pressure calculated assuming all remaining beryl- 
lium iodide is in the form of monomer. Actually P. = Pet. 
+ 2P (Bele 


of the pressure of free iodine to that of the unde- 
composed beryllium iodide. If only the reaction 
— P,, 
Pet 
were occurring, the ratio in the last column of Table 
I would obviously be the equilibrium constant K, 


Bel.(v) + Be + /,(r); (II) 


for the above reaction, and should be constant, re- 
gardless of the volume of the system. Further, this 
ratio should be of the order of 10~® according to the 
thermochemical calculation. 

The deviation in constancy of these values can be 
explained by the dimerization of the beryllium iodide 
in the vapor state’. Vapor density measurements 

2 The dissociation of iodine into monatomic vapor would 
also make the system pressure dependent. This, however, 
amounts to but 1-3% at one atmosphere in the temperature 
range studied (10). 
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have shown that vaporous BeCl, 
dimerized, in part at least (9). Thus 


and BeBr. are 


2 
Pet, 
— " 


I (Bels)o 


(Bel.).(v) = 2 Bel.(v); K, = 


(IIT) 


The high degree of dissociation into iodine, some 
30-50 per cent, cannot be explained by dimerization. 

There seem to be but two possibilities: 

1. The existence of a beryllium monoiodide, either 
solid or vapor, at these temperatures. Thus 


2Bel,  2Bel + In. (IV) 


The monohalides of alkaline earths have been re- 
ported (11), and are known to decompose water to 
yield hydrogen. 

No gas of any kind was observed when a tube 
containing beryllium iodide, which had been heated 
at 600°C and then quenched, was opened under 
water. Nor was any gas obtained in the eudiometer 
when a tube, containing Bel, plus excess beryllium 
metal powder (the method reported for preparation 
of monohalides), was opened under water after heat- 
ing and quenching. 

2. The liberation of iodine by the reaction of 
beryllium iodide with the platinum container to 
form a beryllium-platinum compound: 


Bel.(v) + «Pt > BePt, + I(r); 
Pi, (V) 


Such a reaction could occur to the extent demanded 
by the equilibrium concentration of iodine obtained, 
if the Be-Pt compound* has a reasonably large heat 
of formation. 

That such a reaction has undoubtedly occurred 
was confirmed by the examination of the black 
metallic-appearing deposit found in the platinum 
tube after quenching. The material consisted of small 
pieces or lumps and a fine powder, the former ob- 
viously having spalled off the tube. X-ray diffraction 
analysis revealed only a beryllium-platinum com- 
pound, the exact composition of which has not yet 
been determined. 


Treatment of the Data 


Fig. 2 shows a plot in which the ordinate is the 
ratio of the free iodine pressure, calculated from the 
perfect gas law, to the pressure of the remaining un- 
decomposed iodide, assuming the perfect gas laws 


*The mechanism of such a reaction could oceur by “up 
setting equilibrium.” The slight amount (107%) of beryl 
lium metal formed at equilibrium would react with the 
platinum wall to form the compound, so that additional de 
composition occurs to maintain the equilibrium-free beryl] 
lium metal concentration. It is an odd ease of upsetting 
equilibrium by removal of a solid phase, contrasted to the 
usual gas or liquid removal. 
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and that all remaining combined iodine is in the 
form of monomeric beryllium iodide. This value, 
labeled P., becomes the true pressure of monomeric 
beryllium iodide as the pressure of the system goes 
to zero. At all values of pressure above zero it can 


easily be shown that 


Pe = P wer) + 2P aver 


Fig. 2, then, is the ratio of pressures plotted 
against the total pressure. The intercept at zero 
pressure is the true ratio of the pressure of free io- 
dine to monomeric beryllium iodide, and is the equi- 
librium constant for the reaction 


Bel.(v) + xPt <= BePt, + L(v). (V) 
While there is some scatter of points, little difference 
is Observed whether the time at temperature is four 
hours or twenty-four hours, so that the spread seems 
due to the heterogeneous type of the system. 





15 














4 4 
) 5 10 15 20 
Pr, + Pc 


Fig. 2. Pressure effeet of Bel. dissociation 


The intercept for the three temperatures is essen- 
tially the same, showing a temperature independent 
reaction for the above reaction over this relatively 
narrow temperature range. 

From the calculated value of the heat of forma- 
tion of beryllium iodide vapor at these temperatures, 
of about 26,000 cal, the heat of formation of this 
beryllium-platinum compound is seen to be of the 
same order, about 26,000 eal. 

The equilibrium constant Ay for the above reaction 
may be combined with A» of the dimerization reac- 
tion to yield the equation 

Fe oP l 


P, = Ki K, -+- K, (\ 1) 


A plot of Py vs. 2P will yield a straight line from 
Ip 


which the two equilibrium constants can be ob- 
tained. Fig. 3 shows this plot and the equilibrium 
constants obtained for the dimerization reaction. 

In Fig. 4, the values of A» for the dimerization 
reaction are plotted in the usual log A vs. 1/7" plot 
to yield a heat of dimerization of 15,000 cal. 
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Experiments in the Presence of Excess Beryllium 

Table I] contains the data in which metallic beryl- 
lium was added to the beryllium iodide before cde- 
composition. These tests were run at higher tem- 
peratures, and were of two types. 





25- 
576 °C-K2=10.8 


636°C-K2 =195 x 
766°C-K2= 533 


20+ 











2 Pr, 


Fig. 3. Equilibrium between monomeric and dimeric Bel, 
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Kia. 4. The heat of dissociation of dimeric Bel. 


In one case, small lumps of beryllium were added. 
In the second case, fine metal powder was added. 


There was also a run in which a beryllium crucible | 


insert was used. 


In the latter two types of tests, a large surface 
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area Was obtained as contrasted to the smaller one 
in the case of lump beryllium. 

The top portion of Table II contains the data ob- 
tained in experiments in which lump beryllium was 
added. Here, it is seen that even though the tem- 
perature has been increased over those used in the 
earlier tests, considerably less free iodine is obtained. 
A comparison of the first two experiments shows 
that an increase in the amount of excess beryllium 
decreases the amount of free iodine. The third ex- 
periment, wherein a large platinum tube was used, 
thereby exposing a much larger platinum surface, 
revealed more free iodine but still considerably less 
than expected on a temperature basis alone. 

The remainder of the table shows experiments in 
which beryllium powder and a beryllium crucible in- 
sert were used. Here it is seen that no iodine at all is 


obtained, 
TABLE II. Decomposition equilibria of Belz in presence 
of excess Be 
Tem Solid Be Initial I: Liber Bele Re Vol. of % Bel 
added Bel ated maining tube Decom 
g £ g g cm posed 
1060 0.09 0.0444 0.0039 0.0404 9.0 9.01 
1060 | 0.40 0.0543 0.0011 0.0532 9.0 2.03 
1060 | 0). 22 0.1606 0.0343 0.1251 > 50.0 22.1 
| Be Powder 
added 

1060 0.10 0.052 0 0.052 9.0 0 
1060 0.30 0.052 0 0.052 9.0 0 
1060 0.60 0.052 0 0.052 9.0 0 
1200 | Be Crucible 0.052 0 0.052 9.0 0 


There are two possibilities why no free iodine is 
obtained: first, that the beryllium present is suff- 


cient to allow maintaining the true equilibrium of 
Bel.(v) = Be + I.(v) (11) 


where no iodine is expected; and second, that Bel, 
reacts with excess beryllium to yield a nondecom- 
posable beryllium monoiodide 


Bel, + Be — 2Bel. (VIT) 


As has been stated previously, attempts to detect 
the presence of beryllium monoiodide were unsuc- 
cessful. 


SUMMARY 


Experiments have been made on the dissociation 
of beryllium iodide into its elements to ascertain 
whether further 


thermodynamic — considerations 


should be given to the hot-wire iodide process. The 
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work was only partly successful because of the reac- 
tion of beryllium iodide with the platinum containers. 
The results show: 
1. Beryllium iodide is dimerized in the vapor state, 
the equilibrium constants for the dimer dissociating 
into its monomer being 


516°C K = 108 
636°C K = 19.5 
766°C K = 53.3 
The heat of dissociation is found to be 14,800 eal 
mole. 

2. A beryllium-platinum compound was found to 
exist, whose heat of formation at 
about 25,000 cal/mole. 

3. No evidence was found for the existence of a 
beryllium monoiodide at 600°C, 


650°C or so is 


4. Experiments in the presence of excess beryl- 
lium, thus assuring an equilibrium concentration of 
beryllium metal, yielded no detectable free iodine 
which is in agreement with thermochemical data. 

5. It is concluded that the decomposition of bery]- 
lium in the hot-wire cyclic process is controlled solely 
by kinetie considerations, as outlined in the InrrRo- 
DUCTION. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1951 issue of the 
JOURNAL. 
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Molybdate and Tungstate as Corrosion Inhibitors and 


the Mechanism of Inhibition’ 


W. D. Ropertson? 


Institute for the Study of Vetals, University of Chicago, Chicago, Illinois 


ABSTRACT 


A comparative study of corrosion inhibition of iron by molybdate, tuagstate, chro- 
mate, and nitrite was made to evaluate the relative efficiencies of the different ions and 
to investigate the mechanism of inhibition. 

It was found that both molybdate and tungstate are efficient inhibitors and compa 
rable in this respect to chromate and nitrite; it was also shown that, unlike chromate 
and nitrite, they do not oxidize ferrous ion and, consequently, the primary mechanism 
of inhibition probably does not involve the coprecipitation of oxidation and reduction 
products of the metal and inhibitor ion to form a protective film of stoichiometric oxides. 
In principle, therefore, passivating inhibitors need not be oxidizing agents. Inhibition 
appears to be associated with adsorption at the metal-solution interface and it depends 
on the properties of the complex formed by the inhibitor ions and the metal rather than 
the homogeneous chemical properties of the ions. Since molybdate and tungstate are 
efficient but nonoxidizing inhibitors, it is suggested that they could be used in systems 
containing galvanic couples or oxidizable organics where chromate and nitrite are ex- 





cluded by their oxidizing character. 


INTRODUCTION 


It has been known for at least forty years that 
corrosion of iron by water and neutral salt solutions 
can be almost completely inhibited by relatively 
small concentrations of a soluble chromate (1). More 
recently, alkali nitrites have been used for similar 
purposes, with about equal effectiveness (2). 

The mechanism by which small concentrations of 
these anions inhibits corrosion or, alternatively, re- 
duces the rate of spontaneous reaction between me- 
tallic iron and water containing oxygen essentially to 
zero, has been the subject of considerable research 
since the discovery of Dunstan and Hill. The classic 
experiments of Evans (3) and Hoar and Evans (4) 
on chromate inhibition of iron corroding in neutral 
salt solutions appeared to solve the problem of mech- 
anism in terms of the coprecipitation of ferric and 
chromic oxides, respectively, the oxidation and re- 
duction products in the conversion of the initial 
corrosion product, ferrous ion, to the ferric state. 
According to Evans, the precipitated oxides “appar- 
ently ...repair the original air-formed iron oxide 
film, at any weak places, with a mixture of ferric and 
chromic oxides” (5). This conclusion followed from 
the fact that the proportion of chromic oxide in the 
films stripped from the base metal, after exposure to 
inhibited solutions, varied with the duration and 

' Manuscript received August 28, 1950. This paper pre- 
pared for delivery beforethe Buffalo Meeting, October 11 to 
13, 1950. 

2 Present address: Hammond Metallurgical Laboratory, 
Yale University, New Haven, Connecticut. 
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conditions of prior exposure of abraded iron to atmos- 
pheric oxidation. A further consequence of the above 
hypothesis is that inhibitors of this type are neces- 
sarily oxidizing agents with respect to ferrous ion in 
neutral solution. The subsequent discovery of nitrite 
inhibition appeared to substantiate the latter con- 
clusion, or at least it was not inconsistent with it, 
even though nitrite is a slow and inefficient oxidizing 
agent. 

While the above deductions are in accord with the 
experimental facts and indicate a possible mecha- 
nism, the experiments do not exclude different inter- 
pretations. For example, it was not demonstrated 
that the chromic oxide found in the film at the con- 
clusion of a chemical analysis for total chromium, 
together with the hydrated iron oxide, was the agent 
responsible for inhibition. Furthermore, in the case 
of chromate inhibition of aluminum and magnesium, 
which have only one stable valence in solution, the 
inhibitor’s function as an oxidizing agent is not ap- 
parent; nor is the means for reducing chromate to 
repair the film at the anodic site of corrosion obvious. 
It is also difficult to explain the action of nitrite in 
terms of a coprecipitation hypothesis because, of 
course, there are no insoluble reduction products 
and, while there may be a different mechanism for 
the two inhibitors, it appears preferable, until there 
is evidence to the contrary, to seek a general explana- 
tion for inhibitors of this type applied to different 
metals. 

The preceding hypothesis involves the reduction 
of inhibitor ion as a necessary part of the mecha- 
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nism. However, this assumption has not been, and 
indeed could not be, proved with chromate or nitrite 
because both ions are reduced by ferrous ion. Gen- 
eralization regarding mechanism has been limited to 
these two ions as the only examples of this type of 
inhibitor and, consequently, the mechanism was as- 
sociated with the most conspicuous chemical prop- 
erty that the two ions have in common. 

Since molybdate and tungstate are not oxidizing 
agents with respect to ferrous ion and their oxides 
are unstable in neutral or alkaline solutions (6), it 
appeared that an investigation of their inhibitor 
properties would show whether reduction of the in- 
hibitor and coprecipitation, together with oxides of 
the metal, is a necessary part of the mechanism. 
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Fic. 1. Corrosion testing apparatus and corrosion of 
iron in distilled water used as reference standards. A, in the 
presence of excess ferric hydroxide and, B, in the absence of 
excess ferric hydroxide added prior to immersion of the 
specimens 


EXPERIMENTAL PROCEDURE 


Because, as far as is known, there are no published 
experiments on corrosion inhibition by molybdate 
and tungstate’ it was necessary to devise a corrosion 
test to evaluate their properties together with com- 
parative data for chromate and nitrite. 

Sets of twelve tubes in series, Fig. 1, each contain- 
ing 140 ml of solution, were used. Continuous oxy- 
gen saturation (Po, = 0.2 atm) was insured by pass- 
ing air, saturated with water vapor and free of 
organics and carbon dioxide, through the solutions 
at a rate of one liter per minute. Bubbles rising in 
the side arms provide dispersion of incoming air and 
also produce a downward flow of solution in the 
large tubes of approximately 5.5 cm/sec past the 
specimen surface. In all cases the direction of air 
flow was from dilute to more concentrated solutions 

* After this investigation was concluded it was learned, 
through private communication, that there are two patents 
coyering the use of molybdate and tungstate in organic 
antifreeze solutions (U.S. Patents 2,147,409 and 2,147,395, 
February 14, 1939). 
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which usually differed in concentration by a factor 
of five or more, and any change in concentration re- 
sulting from carry-over from one tube to the next in 
series was negligible; tubes containing different ionic 
species were never arranged in series with each 
other. 

Preliminary tests, Fig. 1 inset, showed that the 
corrosion rate in distilled water was constant and 
independent of the order of the series arrangement. 
A period of seven days was established for tests not 
specifically involving time as a variable. Subsequent 
work proved that the magnitude of the rate, while 
remaining constant with time, was dependent on the 
presence of solid ferric-hydroxide and was also af- 
fected by the identification numbers etched on the 
surface; these experimental variables were evaluated 
and are considered in the analysis of the results. 

Solutions were made up in distilled water, with or 
without solid ferric hydroxide; the latter addition 
was originally made to insure a constant ferric ion 
concentration, independent of the degree of inhibi- 
tion. Various inhibitor concentrations were obtained 
by dilution of more concentrated solutions contain- 
ing the sodium compound of the ion in question and, 
in most cases, the filtered solutions were analyzed 
colorimetrically for the inhibitor ion, before and 
after the corrosion test. The pH of the solutions 
varied between 6.5 and 7.5 which, according to the 
work of Jander, Jahr, and Heukeshoven (7), defines 
the ionic species as the normal molybdate and tun- 
state, excluding the ionic polymers characteristic of 
more acid solutions. 

All specimens were cut from a single lot of cold- 
rolled steel strip, 10.1 x 1.91 x 0.038 em. The chemi- 
cal analysis was: C 0.033, Si 0.004, Mn 0.31, P 
0.0065, S 0.058 per cent. Samples were supported 
vertically, one in each tube, by a glass hook passing 
through a hole punched in one end. Preparation con- 
sisted of numbering, degreasing, a twenty-minute 
etch in 2 molal sulfurie acid at 80°C, rinsing in hot 
distilled water, drying in a stream of hot air, and 
weighing. In all cases preparation preceded the test 
by twenty-four hours, during which period the speci- 
mens were stored in a desiccator. At the conclusion 
of the test, specimens were scrubbed with a soft 
bristle brush to remove loose ferric hydroxide and 
etched in 2 molal acetic acid at room temperature 
to dissolve adherent films; the final weight loss was 
corrected for the effect of the acetic acid etch. 

Each experimental point is an average of at least 
two determinations, and curves establishing the de- 
pendence of corrosion rate on inhibitor concentration 
were obtained by several independent experiments 
with overlapping concentrations. Rates are relative 
to the rate for uninhibited distilled water, obtained 
under identical conditions with respect to experi- 
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mental procedure and all tests included one set of 
two specimens in distilled water to verify the uni- 
formity of conditions in separate runs. 


CoMPARATIVE EFFICIENCY OF INHIBITORS AS A 


FUNCTION OF CONCENTRATION 
Fig. 2 indicates the general type of relationship 
between the corrosion rate of iron, relative to unin- 
hibited distilled water, and the initial concentration 
of molybdate, tungstate, chromate, and nitrite ions. 
It is evident that molybdate and tungstate are com- 
parable in their effect on the corrosion rate of iron 
to the well-known inhibitors, chromate and nitrite. 

Of special significance is the facet that corrosion 
practically ceases at approximately the same con- 
centration for each of the four ions, namely 107% 
molal when the volume, exposed surface area and 
all other experimental variables are maintained con- 
stant. This apparently indicates that the number of 
ions per unit of surface is important and that the 
individual chemical properties of the four ions, par- 
ticularly their relative efficiency as oxidizing agents, 
are not directly involved in establishing a concentra- 
tion at which inhibition is complete. 

The reason for the varying shape of the three 
curves (nitrite does not differ significantly from 
molybdate) is not obvious but may well be asso- 
ciated with the different adsorption properties of the 
ions. The maximum appearing on the tungstate 
curve is reproducible and probably originates in the 
intensification of corrosion at local areas when the 
inhibitor concentration is less than the minimum re- 
quired to suppress completely the corrosion reaction. 
The effeet of insufficient inhibitor also accounts for 
relatively poor reproducibility in the intermediate 
range of concentrations and is characteristic of this 
type of inhibitor. 


CHANGE tX CONCENTRATION OF INHIBITOR DURING 


(CORROSION 


Colorimetric analysis of filtered molybdate, tung- 
state, and chromate solutions were made after seven- 
day corrosion tests (Table 1). These data demon- 
strate that the inhibitor concentration decreases at 
all initial concentrations below 10~ molal at which 
inhibition, is complete. Evidently, consumption or 
physical removal of inhibitor ions from solution is 
associated with corrosion and not with inhibition. A 
similar conclusion may be drawn from the data of 
Pyke and Cohen (8) on nitrite which decomposes in 
the presence of corroding iron, but not when corro- 
sion is completely suppressed by a sufficient concen- 
tration of nitrite. 

Further information may be obtained from a study 
of corrosion and inhibitor concentration as a fune- 
tion of time in the intermediate concentration range 
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where inhibition is not complete. Data were obtained 
with an initial concentration of 6.4 & 10-° molal 
molybdate and the extent of corrosion and loss of 
inhibitor were determined periodically with the re- 
sults shown in Table II. 

From Fig. 2 it is clear that essentially no corrosion 
takes place at inhibitor concentrations greater than 
10°* molal for the particular experimental conditions 
and, also, that the corrosion rate in solutions less 
than 10°° molal corresponds to that in distilled 
water. A plot of the data in Table II shows that the 
corrosion rate (dC dt) increases continuously with 
time until a limiting rate of 0.58 mg em day~! is 
attained at about ten days. This final, constant rate 
is comparable to that previously found for iron in 
distilled water under the same conditions, namely 


TABLE IL. Effect of corrosion on inhibitor concentration 


Initial concentration Concentration after 


Ton moles per liter corrosion (moles per liter 

1.1 xX 10° 1.1 X 10 

MoO ,= 3.0 xX 10-* 1.7 X 10 
9.0 X 10-* <2 X 10°? 
1.0 X 107-3 1.0 X 10°38 

WO,= 1.9 x 10- <4.0 * 10°86 
5.2 X 10-5 <4.0 XK 1078 
1.0 * 10-3 0.96 K 10°% 

CrO,= 1.0 * 10-4 <8 x 10-8 
0.81 xX 10 <2 X 10°° 


TABLE II. 


Change of inhibitor concentration with time in 


an incompletely inhibited solution 


Elapsed time of 
corrosion (days 


Molybdate concentration 


Corrosion of iron (mg cm? : 
atemen . ' (moles per liter 


0 6.4 XK 107° 
1 0.048 5.7 X 10° 
3 0.081 1.7 X 10-5 
5 0.19 2.0 X 10-5 
7 0.50 1.5 X 10-* 
10 1.42 1.0 <X 10°§ 
15 1.10 0.7 X 10° 


0.55 + 0.05 mg em~ day~'. Analysis of the solutions, 
all initially 6.4 & 10~-> molal in molybdate, showed 
that 
10-® molal in ten days which, according to Fig. 2, 


the inhibitor concentration had decreased to 


has little or no effect on the corrosion rate and the 
two sets of data are, accordingly, self-consistent. 
The experiment can be analyzed further to show 
that the corrosion rate increases in proportion to the 
amount of corrosion previously experienced, until 
10-° 
molal, below which it no longer affects the rate. 


the concentration of inhibitor is reduced to 


Analytically, if C is the amount of corrosion, then 
dC 


dt 
and log C = kt + k’ 
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In accordance with (11), the logarithm of corrosion 
as a function of time, Fig. 3, is a straight line from 
one day to the time at which the inhibitor concen- 
tration falls below the minimum necessary to affect 
the rate. 

The preceding relationship may be interpreted to 
mean that in an insufficiently inhibited solution the 
inhibitor ions are removed chemically by the corro- 
sion reaction either by reduction or the formation of 
the type FeMoQO, and 
FeWO,; or they are adso: »ed on the corrosion prod- 


insoluble compounds of 
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Fic. 2. Comparative corrosion inhibition of iron in aer 
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Fic. 3. Corrosion as a function of time in an incompletely 
inhibited solution containing an 
64 10-5 molal molybdate. 


initial concentration of 


uct and effectively removed from the metal-solution 
interface, allowing the reaction to proceed at an in- 
creasing rate. The former possibility appears to be 
excluded by subsequent experiments which show 
that molybdate is not reduced by ferrous ion. An 
attempt was made to evaluate the effect of adsorp- 
tion. 

Ferric hydroxide was produced by anodie solution 
of Armeo iron in 10~' molal hydrochloric acid satu- 
rated with oxygen. The resulting rapidly stirred sus- 
pension was neutralized with sodium hydroxide to 
pH 6.8 and two sets of three samples, 1, 10, and 100 
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ml each were withdrawn by pipette; sodium molyb- 
date and water were added to make 10 and 10~™ 
molal molybdate solutions containing ferric hydrox- 
ide in proportion to the volumes of suspension used. 
These suspensions were placed in the corrosion cells 
and agitated with air for seven days after which the 
filtered solutions were analyzed with results shown 
in Table ITT. 

Adsorption by the flocculent precipitate, a fa- 
miliar problem in analytical chemistry, is indicated 
though the results are not sufficiently well defined 
to warrant a conclusive, quantitative statement. 
Comparison may be made between the loss of 24 per 
cent by adsorption, shown at 10~* molal in Table 
III, with the loss of 43 per cent in the corrosion test, 
Table I, at 3 X 10~ molal. More conclusive evi- 
dence is probably not obtainable in this manner be- 
because of the impossibility of defining conditions 
in the corrosion test and comparing them with the 
freely dispersed ferric hydroxide in the absence of 
corroding iron. 

While the presence of corrosion product evidently 
decreases the activity of the inhibitor ions, the pre- 
ceding adsorption data do not account for the com- 
plete loss of molybdate and tungstate associated 
with the corrosion reaction. The remaining possi- 
bility appears to be the formation of insoluble molyb- 
dates and tungstates with the ferrous ions, out of 
with the The addition of 
molybdate and tungstate to ferrous sulfate, in the 


contact metal surface. 
absence of air, produces a light beige precipitate 
after several hours which is quite unlike the corre- 
sponding red ferric hydroxide resulting from the 
addition of chromate. However, while a precipitate 
is produced in the absence of air, it is necessary to 
know the equilibrium constants involved in a system 
of the following type before the relative stability of 
the various possible precipitates can be specified. 


MoQ; - FeMoQ, 
4 
Fe = Fet* + 20H-<s Fe(OH). 
+ 
Oo 


IL 
Fet++ + 30H 
oo 

MoO: 


= Fe(( JH), 
> Ve.(MoQs)s 


Since the corrosion reaction takes place in the pres- 
ence of oxygen and the dissociation constant of ferric 
hydroxide is one of the smallest known, it is proba- 
ble that the latter equilibrium governs the behavior 
of the whole system. No conclusive statement can 
be made until the constants are evaluated. 

In view of the apparent effect of ferric hydroxide, 
the reference standard of iron in distilled water was 








938 


redetermined and it was found that both the pres- 
ence of ferric hydroxide and the identification num- 
bers together affected the magnitude of the rate, the 


TABLE III. Adsorption of molybdate on ferric hydroxide 


Amount of ferric hy 
droxide in suspension 
(arbitrary units 


Final molybdate concen 
tration (moles per liter 


Initial molybdate concen 
tration (moles per liter 


I 10-3 0.9 <x It 
10 10-3 0.9 X 10° 
100 10-3 0.8 xX 10° 
I 10-4 1.0 K 10-4 
10 10~* LIx nw 
100 10-¢ 0.76 X 10-4 





latter acting as a mechanical discontinuity tending 
to trap corrosion product with a consequent localiza- 
tion of corrosion. A new standard was consequently 
established, Fig. 1, line B, eliminating the added ex- 


JOURNAL OF THE ELECTROCHEMICAL SOCIETY 





March 1951 


duced in detail from these experiments, but a study 9 
of corrosion potentials in the presence and absence of 
molybdate and tungstate shows that a partial passi- 
vation of the surface, leaving the remainder in an 
active state, may produce a local “active-passive” 
cell with an electromotive force of at least 0.4 volt, 
resulting in an apparent acceleration of the corrosion 
rate as compared with uninhibited water. 


CorROSION INHIBITION MECHANISM 


The above experiments show that molybdate and 
tungstate are efficient corrosion inhibitors for iron in 
aerated water and comparable in this respect with 
chromate and nitrite. The relative oxidizing power 
of the four ions is, however, very different. In fact, 
the following experiment demonstrates that neither 
molybdate nor tungstate is capable of oxidizing fer- 
rous ion, even in acid solution, whereas chromate is 
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Fig. 4. Inhibition 
the specimens. 


cess ferric hydroxide and the identification numbers, 
and the inhibitor efficiency of molybdate and tung- 
state was redetermined with the results shown in 
Fig. 4. 

It is evident that the concentration limit for com- 
plete protection is reduced by the above procedure 
10-* to 3 K 10-° and 3 X 10~ for molybdate 
and tungstate, respectively. Again, 
molybdate solutions after the test 


from 
analysis of the 
showed no sig- 
nificant change at concentrations greater than 3 X 
10-° and almost complete loss at lower concentra- 
tions. 

The data in Fig. 4 illustrate the effect of extremely 
small concentrations of molybdate or tungstate ions 
on the corrosion rate. Also, under the more precisely 
defined conditions, a maximum appears on both 
molybdate and tungstate curves indicating that each 
of the two ions acts as an accelerator at low concen- 
trations. The mechanism of this effect cannot be de- 


of iron by molybdate and tungstate in the absence of excess ferric 


hydroxide added prior to immersion of 


one of the most effective oxidizing agents and nitrite 
is relatively inefficient but still capable of oxidizing 
ferrous ion. 

Fig. 5 is a potentiometric titration curve of ferrous 
ion in LN H.SO,, titrated with potassium permanga- 
nate, both in the presence and in the absence of an 
excess of molybdate and tungstate. These data were 
obtained by titrating ferrous ion alone, after which 
the same quantity of ferrous ion was titrated with 
molybdate and tungstate up to the excess indicated 
during which there was no change 
potential of the ferrous-ferric couple, 


in the initial 
—().182; sub- 
sequent titration of the solution with permanganate 
simply reproduced the original curve and the iden- 
tical end-point. This procedure is equivalent to an- 
alyzing for ferrous ion in the presence of molybdate 
and tungstate and it is evident that it is not oxidized 
in acid solution and, consequently, not in the neutral 
solutions used in the corrosion tests. 
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With respect to the inhibition mechanism, it must 
be concluded that oxidizing power is not a necessary 
prerequisite for inhibitors of this type. Correspond- 
ingly, the coprecipitation of insoluble reduction prod- 
ucts of the inhibitor ion and higher valent metal 
oxides cannot be the principal function of the in- 
hibitor in preventing corrosion and, by analogy, 
probably not in the case of chromate or nitrite 
either, even though they are capable of oxidizing 
ferrous ion. The latter point, regarding chromate and 
nitrite, is deduced from the fact that the inhibitive 
properties of molybdate and tungstate are in all 
respects identical with chromate and nitrite. Conse- 
quently, it is inconceivable that the one property not 
shared by the four ions is responsible for their 
common inhibitor properties. 
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ferrous ion in the 
presence of an excess of molybdate and tungstate. 


Fig. 5. Potentiometric titration of 


Since it does not seem possible to explain inhibition 
by coprecipitation, the mechanism remains to be 
demonstrated. Qualitative evidence indicates that 
the effects are closely associated with adsorption of 
the inhibitor ions at the metal interface and that it 
is the adsorption properties of the ions that determine 
inhibitor efficiency rather than homogeneous chemi- 
eal properties, such as oxidation potential. For ex- 
ample, the effect of chloride ion on the inhibitor 
concentration required for complete protection may 
be explained as an ion exchange phenomena at the 
interface. The singly charged chloride ions, having a 
low energy of hydration, move into the metal electro- 
lyte interface displacing the inhibitor ions and, in the 
ease of iron, a soluble complex is formed accelerating 
corrosion; the effect may be counteracted by raising 


the inhibitor concentration. Under the conditions 
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applying in Fig. 2, 100 ppm of chloride ion raises the 
limiting tungstate requirement from 10~* to approxi- 
mately 10-? molal. 

The adsorption characteristics depend on the com- 
peting factors of ion-dipole interaction in the water 
phase and the stability of the complex formed by the 
metal ions at the surface and the inhibitor ions. 
For the relatively large, multi-atomic anions in ques- 
tion, data are not available that would permit a 
quantitative estimation of the heat of hydration, as a 
measure of the bond between water molecules and 
the ions; similarly, solubility constants for com- 
pounds of the type FeWO, and FeMoQ, are unknown 
beyond the generalization that all molybdates and 
tungstates are classed as insoluble except the alkali 
and magnesium salts. 


PRACTICAL APPLICATIONS 


Because there are no published data on the practi- 
cal application of either molybdate or tungstate as 
inhibitors, the following considerations should be 
mentioned. 

As with chromate, it is necessary to maintain a 
sufficient concentration to prevent acceleration at 
local areas; the required concentration would, of 
course, depend on the conditions associated with the 
particular application. Thus, freedom of the system 
from solids and discontinuities was shown to de- 
crease the amount required for complete protection; 
similarly, the presence of other ions, particularly 
chloride, increases the amount required. 

Because the ions are not oxidizing agents it may be 
possible to utilize them as inhibitors where galvanic 
contacts are unavoidable, engine cooling systems for 
example, without introducing cathodic depolariza- 
tion and consequent acceleration of galvanic attack. 
For the same reason it may also be possible to use 
them in systems containing oxidizable organics from 
which chromate and nitrite are excluded. 

Finally, the alkali molybdates and tungstates are 
colorless, which could be an advantage in some appli- 
cations where the intense color of chromate prevents 
its use in contact with a product. 


SUMMARY AND CONCLUSIONS 


These experiments have shown that molybdate 
and tungstate ions are efficient corrosion inhibitors, 
comparable in this respect with chromate and nitrite. 
The concentrations required for complete inhibition 
are small and dependent on the corrosion conditions. 
If the concentration is insufficient to completely 
suppress reaction, corrosion is accelerated, appar- 
ently by the formation of local “active-passive” 
cells. 


The mechanism of inhibition does not appear to 
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depend on the coprecipitation of insoluble reduction 
products of the inhibitor ion because neither molyb- 
date nor tungstate oxidizes ferrous ion. Inhibition is 
evidently associated with the presence, at the surface, 
of the inhibitor ion itself and any reaction which 
reduces its activity decreases inhibitor efficiency. 

In view of the nonoxidizing character of the two 
ions it is suggested they may find application in 
systems where chromate and nitrite are excluded as 
oxidizing agents. 
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Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1951 issue of the 
JOURNAL. 
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ABSTRACT 


On the basis of methods and conventions previously described (1) and using the 


available thermodynamic and electrochemical data, the potential-pH diagram of zine 


has been constructed. Derived diagrams showing domains of corrosion 


passivity, and 


passivation in the absence and in the presence of carbon dioxide, bicarbonates, and 


carbonates are also presented. 


By procedures described and applied to the cases 
of lead and silver (1) the potential-pH diagram of 
zine may be obtained and used as a guide in the 
study of the corrosion of this metal. 


Reactions and Equilibrium Conditions 
The free energies of formation given by Latimer 
(2) are used except for the following cases: 
For the ion ZnOH* we shall adopt the value 
AF° = 
equilibrium constant 


(ZrOW*)(H*) _ oy a5 ye yon 


— 78,768 calories obtained on the basis of the 


(4n**) 
given by Kolthoff and Kameda (3)? for the reaction 
ZnOH* + Ht = Zn* + HO. 


For Zn(OH). and ZnO there are available solu- 
bility products (Zn**+)(OH~-)? 
Feitknecht (4) for the reactions 


= Zn(OH), 


determined — by 


Zn** + 20H 
and 
Zn**+ + 2O0H- = ZnO + HO. 
The following list gives the various hydroxides and 
oxides in order of decreasing solubility. 


Zn(OH).(a) AK = 107-789 AF° = —131,854 eal 
Zn(OH)(8) K 10-15-46 AF — 131,936 eal 


' Manuscript received June 19, 1950. This paper prepared 
for delivery before the Buffalo Meeting, October 11 to 13, 
1950. 

2 See also Latimer (2), p. 156. 
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Znt (nm) K = 10-16-84 AF = - 75,687 eal 
Zn(OH)o(y) A = 107'% 72 AF = —133,135 eal 
Zn(OH)2(6) A = 107-'6 554 AF° = —133 313 eal 


ZnO (0) K 


= 10 17.036 AF = 
Zn(OH).(e) K = 


107-17.075 ARS = 


-76,876 eal 
— 133,626 eal 


The method 


f determining equilibrium condi- 
presented in a previous paper (1) 
and no further comment is needed in this particular 


tions has been 


case. Equilibrium conditions or standard potentials 
used in the construction of the diagram for zine are 
listed in Table I. The following order has been 
adopted in the calculations: A—homogeneous re- 
actions without oxidation, lines 1 and 2; B—hetero- 
geneous reactions with oxidation involving two 
3 and 4; C—heterogeneous reactions 
involving one solid, lines 5 to 10 (without oxidation), 
lines 11 to 13 (with oxidation). The two following 
reactions have been considered for water: 


solids, lines 


(a) 2H+ + 2e = H. 
E = —0.0591 pH — 0.0295 log Py, 
(b) O. + 4H+ + 4e- = 2H,0 


E = 1.229 — 0.0591 pH + 0.0148 log Po, 


DESCRIPTION OF THE PoTENTIAL-pH DIAGRAM 


Fig. 1 has been established on the basis of the data 
of Table I and represents the thermodynamic equi- 
librium conditions of the system zine-water at 25°C. 
Among the various hydroxides, we have represented 
only the forms a and e which are, respectively, the 
most and the least soluble among the existing va- 
nieties. The equilibrium lines for the form a, which 
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is unstable with respect to ¢, are dotted on the 
diagram. Fig. 2, which has been constructed accord- 
ing to a previously described method,’ represents 
the influence of pH on the solubility of the forms a 
and ¢. In the region of the diagram comprised be- 
tween the two curves the precipitation and the aging 
of zine oxides and hydroxides occur. 

The zine oxides and hydroxides are soluble in 
acid media with formation of Zn** and ZnOH?* ions. 
They are soluble in alkaline media with formation of 
ZnO» 
at pH = 10.4 with a concentration of 10-7“ gram 


ions. They exhibit a minimum of solubility 


ion per liter (or 0.0026 mg of zine per liter) for 
Zn(OH). @ and of 10-°7 gram ion per liter (or 
0.000013 mg of zine per liter) for Zn(OH)s «. These 
figures are valid if the only forms of zine present in 
these solutions corresponding to the minimum solu- 
bilities are ZnOH* and ZnO,.- ~, the amounts of 
ZnO.H 


considered 


ion and of undissociated Zn(OH)s. being 
as negligible. Actually these solutions 
probably contain‘ some undissociated Zn(OH)s. 

Fig. 1 shows that zine decomposes water with 
evolution of hydrogen since line 11 is below line a. 
We have also represented the region in which zine 
peroxide ZnO, exists, but there is no available infor- 
mation concerning potentials and equilibrium condi- 
tions for this compound. 


CoRROSION OF ZINC 


On Fig. 3, which has been deduced from Fig. 1, we 
have drawn the lines for which the total solubility of 
zine or zine hydroxide under the forms Zn*+ + 
ZnOH* + ZnO.~ ~ is equal to 10~* gram ion per liter 
(0.065 mg Zn per liter) on the one hand for the 
relatively soluble form Zn(OH),2 @ (thick lines) and 
on the other hand for the relatively insoluble form 
Zn(OH )» € (thin lines). 

Feitknecht (4) has observed that both these va- 
rieties of Zn(OH), are formed in the corrosion of zine 
by aqueous solutions. There is some evidence (6), 
although no complete certainty, that a protective 
coating with a solubility comparable with that of 
Zn(OH). and consisting of a mixture of zine oxide 
and carbonate is formed when there is an intensive 
relative motion between zine and aerated distilled 
water. This would point toward a real possibility of 
passivation of zine at pH values between about 8.5 
and 11.9. 

When zine is kept motionless in contact with 
stagnant aerated distilled water there is local forma- 
tion of Zn(OH). @ due to the appearance of local 
galvanic couples and to local variations of pH. On 
account of the narrow “domain of passivation” by 


See Reference (5), pp. 30, 34; also Reference (1). 


5) 
*See Reference (2), p. 156. 
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amorphous Zn(OH), (see Fig. 3) there develops a 
localized corrosion which renders illusory any passiva- 
tion technique by means of stagnant solutions free 
of passivating substances more effective than OH 
ions (such as carbonates or chromates, for instance), 
It should be noted that the pH limits 8.5 and 11.9 
separating the passivation domain from the corrosion 
domains (Fig. 3) correspond closely to the limits ob- 
served experimentally by Roetheli and collaborators 


(7). 
Corrosion of Zine in Presence of Carbon Dioxide 


With aqueous solutions containing carbonates and 
bicarbonates the formation of zine carbonate ZnCO, 
can occur. The conditions of thermodynamic sta- 
bility of this compound with respect to zine and its 
ions are given by formulas (16) to (31). For the sake 
of simplicity we have not considered any thermo- 
dynamic conditions involving basic carbonates. 

The following reactions and equilibrium condi- 
tions are to be added to the formulas which are 
represented by lines 1 to 13 in Fig. 1. 


A. Homogeneous Reactions without Oxidation 


HCO;- + H* = H.CO; 
(14) rae 
log AnC03 a —637 + pul 
QH2CO; 
CO,;-- + H* = HCO; 
(15) Acos 
log ~— = — 1034 + pH 
QuHCO3 


B. Heterogeneous Reactions with Oxidation Involving 
Two Solids 


(16) ZnCO; + 2H* + 2e— = Zn + CO.(g) + HO 


E = —0513 — 0.0591 pH — 0.0295 log Peo, 
(17) ZnCO; + 2H* + 2e- = Zn + HCO; 

E = —0.555 — 0.0591 pH — 0.0295 log ay.co, 
(18) ZnCO; + Ht + 2e- = Zn + HCO; 

E = —0.743 — 0.0295 pH — 0.0295 log anco,- 


(19) ZnCO; + 2e- = Zn + CO; 
E = —1.049 — 0.0295 log aco,-- 


C. Heterogeneous Reactions without Oxidation In- 


volving One Solid 


(20) Zn++ + CO.(g) + H2O = ZnCO, + 2H* 


log Qdgn++ = 7.94 — 2 pH — log Peo. 
(21) ZnOH+ + CO.(g) = ZnCO; + Ht 
log Qgnon+ = —1.67 — pH — loz Peo, 
(22) ZnO. + CO.(qg) + 2H* = ZnCO; + H.0 
log @zno0. = —32.79 + 2 pH — log Po. 
(23) Znt+*+ + H.CO; = ZnCO; + 2Ht 
log Ggn++ = 649 — 2 pH — log ay.co; 
(24) Zn + HCO; = ZnCO; + Ht 
log @gnt++ = O12 — pH — log dyco;- 
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(25) Znt+ + CO;-- = ZnCO; 
log @gn++ = —10.22 — log adco,-- 
(26) ZnOH*+ + H.CO; = ZnCO,; + H* + H,O 
log @zon+ = —3.12 — pH — log ay.co; 
(27) ZOHt + HCO; = ZnCO; + HO 
log GQznon+ = —9.49 — log ayco, 


(28) ZnOH* + CO;- 
log @znont = 


(29) ZnO.- 


+ H+ = ZnCO; + H.O 
—19.83 + pH — log dco 
+ H.CO; + 2H+ = ZnCO; + 2H,0 


log @zno.-- = —34.24 + 2 pH — log ay.co,; 
(30) ZnO.-- + HCO;- + 3H* = ZnCO; + 2H.O 
log @zno,-- = —40.61 + 3 pH — log ayco,- 


(31) ZnO.-- + CO;-~ + 4H* = ZnCO; + 2H.O 
log @zn0,-- = —50.95 + 4 pH — log aco,-- 
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Fig. 1. Potential-pH diagram of zine at 25° C. Potential, 
in volts, referred to the normal hydrogen electrode. 


On the basis of a previously described method? we 
have represented on Fig. 2 the variation of solubility 
of ZnCO; with pH for two series of cases: saturated 
CO, solutions under partial pressures of CO, varying 
from 0.01 to 1 atmosphere [lines (20)—(22)] and 
solutions containing total concentrations of H»CO; 
+ HCO;- + CO;-~ varying from 0.0001 to 1 mole of 
CO, per liter [lines (23)-(31)}. 

Fig. 2 shows that when the sum H.CO; + HCO;- 
+ CO;-~— is equal to 1 and the total zine concentra- 
tion is 10-* gram atom of Zn per liter, a gradual 
increase of pH causes a separation of solid ZnCO; 
at pH = 6.45 (point A of Fig. 2). If the pH is still 
increased the solubility of ZnCO; varies along the 
curve AB and is minimum for pH = 10.0, the solu- 
bility being then 10-%* gram atom of Zn per liter. 
At still higher pH values ZnCO; constitutes the only 
stable solid phase according to curve BD up to a pH 


5 See Reference (5), pp. 30, 34. 
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of about 11.2 (point D) at which there is simul- 
taneous stability of ZnCOs;, of different varieties of 
Zn(OH). and ZnO and also, most likely, of certain 
basie zine carbonates which are not considered here. 
In a recent paper Anderson (8), for instance, reports 
the basic carbonate 4ZnO -CO.-4H,0 among the cor- 
rosion products of underground zine anodes. At pH 
values higher than 11.2 ZnCO,; is more soluble than 
Zn(OH)». a and, therefore, less stable. This is shown 


TABLE I. 


Equilibrium conditions at 26° C 


Line* Equilibrium Standard poten a equilibrium 
1) ZnOH*/Zn** | log aa = —9.61 + pH 
| a Th 
| 
2| ZnOs--/ZnOH+ | log 22"°2-— = —31.12 + 3 pH 
@ZnoHt 
3 Zn(OH)2/Zn Ey = —0.400 (a) 
Eo = —0.439 (e) 
4 ZnO/Zn Ey = —0.412 (n) 
| Ho = —0.438 (6) 
5 Zn(OH)2/Zn** log azn++ = 12.22 — 2 pH (a) 
log azn++ = 10.92 — 2 pH (e) 
6) ZnO/Zn* log azn++ = 11.87 — 2 pH (a) 


log azn++ = 11.00 — 2 pH (e) 


7 Zn(OH)2/ZnOH* log aznon+ = 2.65 — pH (a) 
log aznon+ = 1.34 — pH (e) 


8 ZnO/ZnOH* | log aznon+ = 2.26 — pH (n) 
log aznon+ = 1.39 — pH (6) 

9 ZnO ~/Zn(OH): | log azno.-- = —28.48+ 2 pH (a) 
log azno.-- = —29.78 + 2 pH (e) 

10 | ZnO--/ZnO log azno.-- = — 28.87 +2 pH (n) 
log azno.-- = —29.74+2 pH (@) 

11 Zn**/Zn Ey = —0.762 

12 ZnOH*/Zn Ey = —0.479 

13 ZnO “/Zn Eo = 0.441 


* See Fia. 1. 


by the fact that, on Fig. 2, line 31 is then above line 
9 a. On the basis of the views expressed in this and 
other papers one may expect that, in presence of 
solutions 1 molar in total CO», the ‘domain of passi- 
vation” of zine pictured on Fig. 4 will extend to the 
left as far as pH = 6.5. The region between pH = 6.5 
and pH = 10.5 corresponds to the formation of a 
film containing chiefly ZnCO;, while the region be- 
tween pH = 10.5 and pH = 11.3 corresponds to the 
formation of a film containing chiefly Zn(OH)>. 

By repeating the above reasoning for other con- 
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centrations of dissolved COs, as well as for different 
equilibrium partial pressures of gaseous COs, one 
can, on the basis of Fig. 2, study in great detail the 
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Fic. 3. Conditions of corrosion, passivity, and passiva 
tion of zine as determined from the potential-pH diagram 


Potential, in volts, referred to the normal hydrogen elec 
trode 


probable circumstances of the passivation of zine by 
carbonates and bicarbonates. One can thus estab- 
lish Fig. 4 which represents, for different values of 
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the total concentration (HeCO; + HCO;- + CO; -), 
the influence of HoCOs and of its ions on the corrosion 
and passivation of zinc. A similar diagram could be 
established from Fig. 2 for different values of the 
equilibrium partial pressure of gaseous CO». 

By comparing Fig. 3 and 4 one sees that the 
threshold of concentration (HoCO; + HCO; + 
CO,;- ~) above which these substances could exert 
passivating action on zine would be in the neighbor- 
hood of 10°?" moles per liter. When (H.CO, + 
HCO; + CO;- ~) is larger than 10°? the domain of 
passivation of zine is enlarged toward neutrality 
because of the formation of a film of ZnCQOs. 

The incorporation of carbonates and bicarbonates 
into the solutions in contact with zinc can thus result 
in the passivation of zine at slightly alkaline pH 
values, but there seems to be no possibility of pro- 
tecting the metal at pH values larger than about 11.3. 
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rosion of zine. Potential, in volts, referred to the normal 
hydrogen electrode. 


In a recent paper Hoxeng and Prutton (9) present 
an interesting discussion of their observations on the 
corrosion of zine, particularly in presence of bicarbo- 
nates, and make use of an explanation advanced by 
two of the present authors (10, 11) concerning the 
acceleration of zine corrosion through cathodic de- 
polarization due to perearbonic acid formed between 
CO, and hydrogen peroxide which is known to be 
formed during the corrosion of zinc. 
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ABSTRACT 


The electrodeposition of rhenium-nickel alloys from an ammoniacal citrate bath and 


from nickel plating baths containing potassium perrhenate is described. The ammoniacal 


citrate bath was used to determine the effects of such factors as bath composition, bath 


pH, bath temperature, and current density on cathode current efficiency and alloy com- 


position. A plating solution which gave a cathode deposit with a high percentage of 
rhenium contained 56 g/! of nickel sulfate hexahydrate, 10 g/l of potassium perrhenate, 
66 g/l of citric acid, and ammonium hydroxide to a pH of about 8. When this solution was 


electrolyzed at 5 amp/dm? and 70°C it gave a cathode deposit containing approximately 
78 per cent rhenium with a cathode current efficiency of about 90 per cent. Some of the 
properties of electrodeposited rhenium-nickel alloys are also reported. 


INTRODUCTION 


It has been known for some time that rhenium 
alloys can be electrodeposited from aqueous solu- 
tions; however, plating bath composition and condi- 
tions of electrolysis have not been reported, probably 
because there is, at present, no obvious use for 
electrodeposited rhenium alloys. Fink and Deren 
(1) state merely that “rhenium can be codeposited 
with other metals such as nickel and cobalt.”? Young 
(2) mentiowd the electrodeposition of rhenium- 
nickel alleys from a bath containing potassium per- 
rhenaie, nickel sulfate, and sulfuric acid, but gave no 
quantitative data or other pertinent information. 
The purpose of this article is to describe the elec- 
trodeposition of rhenium-nickel alloys from two types 
(a) nickel plating baths 
modified by the addition of potassium perrhenate, 


of aqueous plating baths: 


and (b) ammoniacal citrate baths containing potas- 
sium perrhenate and nickel sulfate. Neither of these 
baths has previously been used for the electrodeposi- 
tion of rhenium alloys, but an ammoniacal citrate 
bath has recently been suggested for the electrodepo- 
sition of rhenium (3). 


EXPERIMENTAL DETAILS 


Bath preparation.—Since potassium perrhenate is 
not very soluble in cold water, it was dissolved in hot 
water and the other constituents (C.P. or reagent 
grade) were then added to give a bath of the desired 
composition. Bath pH, which was adjusted with 
ammonium hydroxide, was determined by a glass 
electrode at the operating temperature of the bath. 
A standardized, high temperature glass electrode was 
used to determine the pH of all baths operated at 

‘Manuscript received July 5, 1950. This paper prepared 
for delivery before the Buffalo Meeting, October 11 to 13, 
1950. 


* Present address: Victor Chemical Company, Chicago 
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elevated temperatures. In nearly all cases a fresh 
portion of bath was used for each electrolysis run. 

Direct. current 
plied by a variable voltage rectifier. The setup was 


Electrolysis procedure. was sup- 
and a 
copper coulometer could be operated in series. Nickel 
anodes, 3 em x 3 cm, and platinum, gold, or copper 


arranged so that several electrolytic cells 


cathodes of the same size were used. The electrolytic 
cells, containing about 100 ml of plating solution, 
were placed in a constant temperature bath to main- 
tain the desired temperature. The time of electrolysis 
varied from a few minutes to about thirty 
minutes depending on the cathode current density 
being used. 


was 


Analysis of deposits—The alloy deposit on an in- 
soluble cathode (platinum or gold) was dissolved by 
treatment with 6N H.SO, and a small amount of 
30 per cent H,O,. Nickel was separated from rhenium 
by precipitating nickel hydroxide with hot 5 per cent 
sodium hydroxide solution. The nickel hydroxide was 
dissolved in 6N H.oSO, and nickel determined elee- 
trolytically from a strongly ammoniacal solution 
using a Slomin electrolytic analyzer. Rhenium was 
determined gravimetrically as nitron perrhenate (4). 
With alloy deposits weighing in the approximate 
range 0.06 to 0.15 gram, the total of the nickel and 
rhenium found was usually 98 per cent or better. 

Current efficiency.—Cathode efficiency calculations 
were based on: (a) the composition of the cathode 
deposit as determined by analysis, (b) the amount of 
copper deposited on the coulometer cathode, and (ec) 
the necessary chemical equivalents. It is recognized 
that the efficiencies so obtained are exact only when 
the deposit analysis totals 100 per cent; however, it 
is believed that they are accurate enough for com- 
parison purposes. Anode efficiencies were based on 
the anode loss in weight and the amount of copper 
deposited on the coulometer cathode. 


Hull cell—The Hull cell (267 ml size) was used 
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with a nickel anode and a copper cathode; its opera- 
tion has been described previously (5). 


EXPERIMENTAL RESULTS 
Nickel Baths Containing Potassium Perrhenate 


A rhenium-nickel cathode deposit is obtained from 
a nickel plating bath containing a small amount of 
potassium perrhenate. Several different baths were 
used to establish this fact but only two were used for 
additional experimental work. Since preliminary 
work with the Hull cell showed that these baths 
had a fairly wide current density range for bright 
plates, particularly at elevated temperatures, they 
were used at 70°C. 

Rhenitum-nickel bath I contained 225 g/1 of 
NiSO,-6H.O, 45 g/l of NiCl.-6H.O, 30 g/l of HsBOs, 
and 1 g/l of KReO,. The pH of this solution at 70°C 
was 4.6. The results of the electrolysis of this bath at 
70°C and several different cathode current densities, 


TABLE I. Rhenium-Nickel Bath I: Effect of cathode current 
density (C.C.D.) on alloy composition and cathode 
efficiency (C.E.) 

(Temp 70° C; pH 4.6) 


, Analysis 
cc.P Wenn ant Wt of F °c Appearance 
amp/din? Time min deposit C.E. of deposit 
% Re | % Ni 
| 
& 
1 15 0.0533 | 16.1 | 83.7] 97.8 bright 
3 6 0.0590 | 5.6 | 92.8] 96.1 | bright 
5 5 0.0844 5.0 | 93.9 | 100.0 bright 
7 3 | 0.0778 | 4.0 | 95.5 | 100.0 gray 
10 1.5 | 0.0543 | 3.1] 95.8 100.0 | bright 
| 


given in Table I, show that cathode efficiencies are 
very high and that the amount of rhenium in the 
cathode deposits varies from 16 per cent to 3 per cent. 

Rhenium-nickel bath II contained 225 g/l of 
Ni8O,-6H.O, 45 g/l of NiCl.-6H.O, 30 g/1 of HyBOs, 
70 g/| of citric acid, and 1 g/l of KReOy. The pH 
of this solution at 70°C was 2.3. The results of the 
electrolysis of this bath, given in Fig. 1, show that 
current efficiency increases and the rhenium content 
of the cathode deposit decreases as the cathode 
current density is increased. 


The Citrate Rhenium-Nickel Bath 

The fact that bath II (above) containing citric 
acid gave cathode deposits with a higher rhenium 
content than the deposits obtained from bath I, 
together with previous experience with citrate baths 
for the electrodeposition of other alloys (5, 6), indi- 
sated that a citrate rhenium-nickel bath should be 
investigated. After some preliminary work it was 
decided that a bath of the following composition 
would be used: 56 g/l of NiSO,4-6H.O, 66 g/1 of 
citric acid, 1 to 10 g/l of KReO,, and NH,OH to the 
desired pH. This type of bath was found to give best 
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results at elevated temperatures so a bath tempera- 
ture of 70°C was usually maintained. 

Hull cell results at 70°C using a citrate rhenium- 
nickel bath containing 4 g/l of KReO, showed that 
bath pH had a marked effect on the bright plating 
range. At a bath pH of 1.8 the bright range extended 
from a current density of about 4 to 12 amp/dm? 
and there was practically no deposit on the cathode 
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Fic. 1. Effect of cathode current density on rhenium- 
nickel bath II (225 g/l of NiSO,-6H.0, 45 g/l of NiCl.-6H.O, 
1 g/l of KReO,, 30 g/l of HsBOs, 70 g/1 of citric acid, pH 2.3, 
70°C). 
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Fic. 2. Effect of pH on the citrate rhenium-nickel bath 
(56 g/l of NiSO,-6H.O, 10 g/l of KReO,, 66 g/l citrie acid, 
NH,OH, 5 amp/dm?, 70°C). 


where the current density was lower than 4 amp/dm*. 
The character of the deposit improved as the pH 
was changed to 4.2 and to 7.6, and at pH 8.5 the 
bright range extended over most of the cathode. 
Bath pH.—A citrate rhenium-nickel bath con- 
taining 10 g/l of KReO, was used to determine the 
influence of bath pH on cathode and anode effi- 
ciencies and on the composition of the alloy deposit. 
Bath pH was varied from 3 to 8 with ammonium 
hydroxide, bath temperature was 70°C, and current 
density was 5 amp/dm?. The results given in Fig. 2 
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show that pH does not have as much effect on bath 
performance as might have been expected from the 
Hull cell observations. The composition of the alloy 
deposits is almost constant (approx. 80°; Re) over 
which is 40 


per cent at pH 3 is about 90 per cent at pH 4 and 


the pH range studied and the C.C.E. 
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Fig. 4. Effeet of bath temperature on the citrate rhenium 
nickel bath (56 g/l of NiSO,-6H.O, 10 g/l of KReO,, 66 g/1 
of citrie acid, NH,OH to pH 7.6, 8 amp/dm? 


higher. The same series of experimnts was repeated 
using a current density of 10 amp dm? instead of 
5 amp/dm?. The effect of pH at 10 amp/dm? was 
similar to that shown in Fig. 2; however, the rhenium 
content of the cathode deposits and the cathode 
efficiencies were slightly lower at the higher current 
density. 
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Current density—The effect of cathode current 
density, and perrhenate concentration, was deter- 
mined using citrate rhenium-nickel baths containing 
1, 7, and 10 g/1 of potassium perrhenate. Bath pH 
in each case was 7.6 and bath temperature was 70°C. 
Over a current density range of 2 to 12 amp/dm* the 
deposits obtained were smooth and adherent. Most 
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Fic. 5. Effeet of nickel sulfate concentration on the 
citrate rhenium-nickel bath (10 g/l of KReO,, 66 g/I of citric 
acid, NH,OH to pH 8, 5 amp/dm?, 70°C). 


TABLE II. Effect of reagents on electrodeposited rhenium 
and rhenium-nickel 
estimated thickness of eleetrodeposits = 0.0003 in. (7.54); 
te-Ni deposit contains approximately 
70% rhenium 


Reagents Rhenium Rhenium-N ickel 
Air Dark—10 days Bright—3 month 
HO Dark—10 hr Spotted—10 hr 


HNO, (cone) Attacked at once 
Destroved—13 hr 


Little action 


Attacked at once 
HNO;AN) Destroyed—S8 hr 
HCl(cone) Slow attack 
HCILON Gas—2 min 


H.SO, (cone ) 


Reaction—3 min 
No reaction—week No reaction—week 


H.SO,(GN ) None—15 hr On Cu—-15 hr 
NaOH (BN ) Dark—10 min No reaction—day 
NH,OH (cone ) Blue—7 min Slight—1S min 
HC.H,Os(cone) None—3 hr Slight—3 hr 


H.,,PO,(cone ) No reaction—week | No reaetion—week 


of the deposits were bright; however, at higher 
current densities the edges of some of the cathodes 
were somewhat dull. Cathode efficiencies were found 
to be quite high, 70 to 80 per cent, with no ob- 
servable trend as the current density was increased. 
kt can be seen in Fig. 3 that, for all three potassium 
perrhenate bath concentrations, the percentage of 
rhenium in the deposits decreases as the current 
density is increased. Fig. 3 also shows that as the 
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concentration of potassium perrhenate in the bath 
increases the percentage of rhenium in the alloy 
deposit increases. 

Bath The bath 
perature on the operation of the citrate bath was 


temperature. influence of tem- 
observed using a bath containing 10 g/l of KReQOs,. 
Bath pH was adjusted to 7.6 and electrolysis was 
continued for 5 minutes at 8 amp/dm*. The results 
given in Fig. 4 show that current efficiency and the 
percentage of rhenium in the cathode deposits in- 
crease greatly as the bath temperature is increased 
from 26° to 90°C, 

Nickel sulfate concentration.—In all the citrate rhe- 
nium-nickel baths so far described the nickel sulfate 
A study of the 
of nickel sulfate concentration on 


concentration was fixed at 56 9/1. 
effect 
efficiency and composition of the alloy deposit was 


cathode 


carried out using baths containing 66 g/l of citric 
acid, 10 g/l of KReO,, and from 10 to 120 g/1 of 
NiSO,-6H.O. Bath pH was 8, bath temperature was 
70°C, and current density was 5 amp/dm*. The 
results given in Fig. 5 show that as the nickel sulfate 
concentration of the bath increases the percentage of 
rhenium in the deposit decreases, while the cathode 
efficiency increases to a maximum and then drops 
off somewhat. These experiments were repeated at 
10 amp ‘dm? instead of 5 amp/dm? and the same gen- 
eral effect was noted; however the rhenium content 
of the deposits and cathode efficiencies were slightly 


lower at. the higher current density. 


PROPERTIES OF ELECTRODEPOSITED 
RHENIUM-NICKEL ALLOYS 


The rhenium-nickel cathode deposits usually ad- 
hered very well to the basis metal. A rather thin 
deposit, about 0.0002 in. (5 uw), of an alloy containing 
approximately 70 per cent rhenium did not separate 
from the copper basis metal when the plated cathode 
was bent through 180° and pressed flat. Resistance 
of this electrodeposited alloy (approximately 70°, 
Re) to a number of reagents was observed over a 
period of several months and for comparison pur- 
poses electrodeposited rhenium was treated simi- 
larly. In each case the basis metal was copper and 
the electrodeposited layer was estimated to be about 
0.0003 inch (7.5 p) thick. The results are given in 


Table IT. 
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Other Electrodeposited Rhenium Alloys 


Additional experimental work has shown that 
other alloys of rhenium, particularly rhenium-cobalt 
and rhenium-iron, can be electrodeposited from sev- 
eral types of aqueous plating baths. The results of 
these studies will be presented later. 


CONCLUSIONS 


Rhenium-nickel alloys can be electrodeposited 
from baths prepared by adding potassium perrhenate 
to nickel plating baths. 

A new citrate rhenium-nickel bath has been de- 
When this bath contains 56 g/l of 
NiSO,-6H.O, 10 g/l of KReO,, 66 g/1 of citric acid, 
and ammonium hydroxide to pH 8, electrolysis at 


veloped. 


70°C and 5 amp/dm? was found to yield a deposit 
containing 78 per cent rhenium with an efficiency of 
about 90 per cent. 

The composition of the alloy deposits obtained 
from the bath was not 
changed appreciably by variations in bath pH or 
current density. Increasing the bath temperature 


citrate rhenium-nickel 


increased the cathode efficiency and the rhenium 
content of the alloy deposit. Increasing the concen- 
tration of nickel sulfate in the bath decreased the 
amount of rhenium in the cathode deposit; at the 
same time the cathode efficiency increased up to a 
medium concentration of nickel sulfate and then 
remained fairly constant. 

The electrodeposited rhenium-nickel alloys seem 
to have no special resistance to a number of common 
reagents. 

Other rhenium alloys can be electrodeposited from 
similar types of aqueous plating baths. 


Any discussion of this paper will appear in a Discussion 
Section, to be published in the December 1951 issue of the 
JOURNAL. 
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The Relationship Between Orientation, Grain Size, 


and Brightness in Nickel EKlectrodeposits' 


G. L. CLARK 


AND S. H. 
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ABSTRACT 


\ large number of eleetrodeposited nickel panels, deposited under varied conditions, 


were examined by improved x-ray diffraction techniques. Orientation and grain size 


were evaluated in order to determine whether or not any correlation exists between 


these measurable characteristics and the fundamental optical property of brightness. 


The x-ray grain sizes of matte, semibright, and bright deposits were found to be of the 


same order of magnitude, and, furthermore, no correlation was found to exist between 


orientation of the erystals and brightness. 


INTRODUCTION 


Two major theories have been proposed to ex- 
plain the brightness of some electrodeposits: (a) if 
the grain size of the deposit is smaller than the wave- 
length of light, the deposit will be bright; and (b) if 
there is a high degree of preferred orientation so that 
the crystal faces presented to the surface are essen- 
tially parallel, even large grained deposits will be 
bright. There are many references in the literature 
substantiating one or the other or both theories, 
although the grain size theory appears to be the most 
popular. MacNaughtan and Hothersall (1), Kohl- 
schutter (2), Creighton and Koehler (3), Liebreich 
(4), Blum (5), MacNaughtan and co-workers (6, 7, 
8), Hothersall and Gardam (9), and O’Sullivan (10) 
all attributed brightness to fine grain size. Meyer 
and Phillips (11), however, found that some copper 
plates deposited from cyanide solutions were dull 
despite the fact that the crystals were unresolvable 
at 2500 diameters. In support of the orientation 
theory were Wood (12), Palatnik (13), Kosolapov 
and Mett (14), Rubio (15), Fischer and Bairmann 
(16), Wesley and Carey (17), Hume-Rothery and 
Wyllie (18), and Blum, Beckman, and Meyer (19). 
Smith, Keeler, and Read (20) came to the definite 
conclusion after studying a series of nickel deposits 
that there is no relation between preferred orientation 
and brightness of electrodeposited nickel. 

In view of the above differences of opinion, it ap- 
peared that an examination of a large number of 
nickel electrodeposits prepared under varied condi- 
tions of current density, bath composition, thickness, 
and addition agents might give valuable information 
concerning the relationship between orientation, 
grain size, and brightness in nickel electrodeposits. 

‘ Manuscript received July 11, 1950. This paper prepared 
for delivery before the Buffalo Meeting, October 11 to 13, 
1950. 

? Present address: Department of Chemistry, University 
of Texas, Austin, Texas. 
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[EXPERIMENTAL 
Preparation of Test Panels 


The basic solution for all baths for nickel deposi- 
tion was a Watts bath of the following composition: 
nickel sulfate (NiSO,-6H.O), 32-34 ounces per gallon 
(240-255 g/l); nickel chloride (NiCl,-6H2O), 6-10 
ounces g/l); and 
(H;BO;), 6 ounces per gallon (45 g/l). The normal 
operating temperature of the baths was 135°-140°F 
(57° 
amount of wetting agent’ or nonpitter. Any panels 
plated from solutions having a different composition 


per gallon (45-75 boric acid 


60°C). To most of the baths was added a small 


are so designated. 

The normal, matte Watts deposits were obtained 
from the above bath operated at a pH range of 
3.5-4.0 without addition agents. Semibright plates 
were deposited from the above bath to which had 
been added 1.20-1.50 grams of a proprietary organic 
addition agent‘ per liter of bath, and operated at 
a pH range of 3.8-4.2. Bright plates were deposited 
from a Harshaw Modified XXX Bath operated at 
a pH of 2.5-3.0. Unless otherwise designated, the 
current density was 40 asf® (4.3 amp/dm’). 

In the majority of cases the test coupons were 
annealed brass sheet, although occasionally the nickel 
was deposited upon carbon steel coupons. 


X-Ray Diffraction Techniques 


rhe thinness of the electrodeposits made it ex- 
tremely difficult to pass the x-ray beam through the 
specimen normal to the fiber axis (which is parallel 
to the cross section or normal to the surface of the 
electrodeposited nickel), so the specimens were in- 
clined 45° to the primary beam. This angle was 

*XXXD 
Company. 

‘ Perflow 


- Manufactured by the Harshaw Chemical 


Manufactured by the Harshaw Chemical 
Company. 
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chosen as the inclination angle, since at 45° a de- 
viation of several degrees in aligning the specimen 
results in an immeasurable change in the position 
of the intensity maxima on the diffraction pattern. 

To insure that all the specimens were inclined at 
the same, known angle to the x-ray beam, the sample 
holder designed by Clark, Pish, and Weeg (21) was 
used. The combination collimating system and 
sample holder, which was tilted to the desired angle 
and permanently fixed in position, was clamped 
rigidly to the camera track on the x-ray unit and 
the flat film cassette holder fixed on the track behind 
the sample so that the primary x-ray beam was 
exactly normal to the film. 

The specimen was adjusted in the holder so that 
the edge was bathed by approximately half the 
primary x-ray beam which was collimated by a back 
pinhole 0.040 inch (1.016 mm) in diameter. Satis- 
factory patterns were obtained in 20-30 minutes 
using a copper tube operated at 40 kv and 15 ma 
at 1.5 em film-to-specimen distance. Since the K 
absorption edge of nickel (1.48 A) is between the 
K, and Ks wavelength of copper (1.54 and 1.39 A) 
the specimen acted as its own filter. 

The indices of the fiber axes were determined by 
measuring the positions of the intensity maxima on 
the diffraction rings and applying the following equa- 
tions (22): 
cos a — cos B sin é 
cos 0 = . (1) 

sin 8 cos 6 
cos a — cos (180° — £8) sin é 
sin (180° — B) cos 6 


cos 6’ (II) 
where: 6 and 6’ are the angles measured on the film 
between a radius from the center of the ring through 
the particular intensity maximum and the vertical 
line on the film which is parallel to the fiber axis; 
§ is the Bragg angle of reflection; 6 is the angle be- 
tween the fiber axis and the direction of the x-ray 
beam; and a is the angle between the fiber axis with 
indices www and the normal to the set of reflecting 
planes hkl, and can be calculated in any cubic lattice 
by: 


uh + vi + lw 
Vwtet w VJ h? ++ 0° 


cosa = (IIT) 

Since many patterns were to be examined, the- 
oretical patterns (Fig. 1) were prepared by assuming 
various fiber axes and by calculating the 6 and 6’ 
values from equations (I), (II), and (III). In many 
cases the lower portion of the film was shadowed by 
the specimen and 6’ was not recorded, so the 6’ 
values are not reproduced in Fig. 1. The film patterns 
were then compared with the calculated patterns 
and the fiber axes thus ascertained. 

Because of the atypical edges of the deposits, the 


NICKEL ELECTRODEPOSITS 111 


test specimens were cut from the middle of the 
panels. In order to determine the effect of shearing 
on the structure of the deposits, the cut edge of a 
specimen was honed and etched and the pattern 
compared with the pattern of an as-sheared speci- 
men. As a further check, a panel was examined 
using the technique of Wyllie (23). In this method 
the specimen is mounted in the center of a specially 
constructed circular camera and an area on the sur- 
face of the deposit irradiated so that the effects of 
shearing are completely eliminated. Agreement. of 
observed and calculated values of 6, as shown in 
Table I, proved that an edge consisting of a true, 
undistorted structure of the deposit could be pre- 
pared by shearing, honing, and etching. The devi- 


ON FS 


[1090 [110] Cin] 


ZN f\ #X 


[i2] [120] [320] 


Fic. 1. Calculated fiber patterns, copper K radiation, 
8 = 45°. 
f 








TABLE IL. Angular positions of maxima on the (111) and 
(200) diffraction rings 


[100] Fiber axis, copper radiation, 8 = 45° 


Edge (111) (200) 
Original 57°30’ 0° 
Sheared 55 0°, 90 
Sheared, honed, and etched 60 0° 
Calculated 61°49’ No maximum 


[Caleulated, 8 = 90° 51°23’ 90°] 


ation in the case of the as-sheared specimen was due 
to the bending of the edge when sheared, so that 
the fiber axis was inclined at an angle considerably 
smaller than 45° to the x-ray beam. 

The patterns used for comparison of the grain 
sizes were obtained by placing thin films of the 
electrodeposited nickel stripped from the basis metal 
over the pinhole of a Hayes Laue camera and passing 
the x-ray beam through the specimen parallel to the 
fiber axis. The use of the Laue camera assured the 
same film-to-specimen distance for each pattern. 

A North American Philips Geiger-counter x-ray 
spectrometer was also used to obtain diffraction 
patterns from the surface of each test panel. 

In addition to the diffraction studies, electron 
micrographs were made of typical semibright and 
matte deposits. Formvar replicas were prepared using 








the technique of Schaefer and Harker (24) and the 
negative replicas shadow cast with chromium. Fig. 2 
and 3 show the different structures of the two de- 


posits. 


, <u %, 
Fig. 2. Kleetron micrograph of matte surface; 5,000X , 


shadow east with chromium 





Fic. 3. Electron micrograph of semibright surface; 
5.000 . shadow cast with chromium 


EXPERIMENTAL RESULTS AND DiscussIoN 
Comparison of Film and Spectrometer Patterns 


lig. 4 compares the film and spectrometer patterns 
for random distribution and preferred orientation 
for both |100] and [110] fiber axes singly and mixed. 
The spectrometer patterns are very useful in de- 
termining relative intensities when the grain sizes 
of the diffracting materials are within the optimum 
range of 10 * to 10 ° em in diameter, as in the case 
of these nickel electrodeposits. Abnormal intensities 


112 JOURNAL OF THE ELECTROCHEMICAL SOCIETY 








March 1951 


indicate the presence of preferred orientation. The 
results contained showed that although it was not 
possible to predict correctly the indices of the fiber 
axis from the spectrometer data alone, a definite 
trend was observed. If Jin //oo Was smaller than 
0.50, almost without exception the fiber axis was 
[100], and if smaller than 0.10 it was invariably true. 


Anomalous Intensity Maximum 


The anomalous intensity maximum at the meridia] 
(12 o’clock) position on the (200) ring of deposits 
having the |100] fiber axis was bothersome for a long 
time as no adequate explanation for its presence 
could be advanced. In the literature all patterns of 
electrodeposited nickel having the |100| orientation 
showed this meridial maximum on the (200) ring, 
whereas a pattern of cold-drawn nickel having a 
|100] fiber axis did not. 

The presence of “twins” in the electrodeposits 
having a |100] fiber axis provides a valid mathemati- 
cal explanation for the anomalous maximum; and the 
twins can be observed in photomicrographs of 
polished and etched cross sections of nickel electro- 
deposits. 

Twinning results when a portion building onto 
the crystal already deposited takes up a new orienta- 
tion so that the twinned portion is a mirror image 
of the crystal first deposited. The plane of symmetry 
relating the two portions is the twinning plane and 
in the case of face-centered cubic metals, such as 
nickel, is the (111) plane. 

The angle between the (100) plane and the (111) 
twinning plane is 54° 44’, so that the angle between 
the (100) plane of the parent crystal and the cor- 
responding (100) plane of the twin is 109° 28’. Since 
the fiber axis is normal to the (100) plane of the 
parent, the angle between the fiber axis and the 
(100) plane of the twin is 19° 28’. When this value 
is substituted for @ in equation (1), 6 for the (200) 
ring is calculated to be 5° 16’ when 8 is 45°. The two 
maxima, one on each side of the projected fiber axis 
on the pattern, fuse together to form the meridial 
spot. Evidently, only when the fiber axis is the {100} 
direction, is the orientation favorable to promote 
twinning. 

X-Ray Grain Siz 

The transmission patterns of the semibright and 
bright deposits showed sharp, smooth diffraction 
rings, indicating grain sizes of 10° to 10% em. 
Within this range the rings are insensitive to size 
changes, making exact measurements of the diam- 
eters impossible. The diffraction rings of the matte 
patterns were also sharp, but careful examination 
of the film with a magnifying glass showed the 
rings to be very slightly spotted, indicating the 
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presence of some grains slightly larger than 10 * em 
in diameter. Plating conditions had some effect. upon 
the amount of spottiness in the rings of the matte 
deposits. The pattern obtained from a 0.0015 inch 
(0.0038 em) deposit, 40 asf, showed spottiness in 
both the (111) and (200) rings, although the spotti- 
ness Was more pronounced in the (111) ring; a 
0.0005 inch (0.0013 em) deposit, 40 asf, gave a 
pattern having a smooth (200) ring and a slightly 
spotted (111) ring; and a 0.0005 inch (0.0013 em) 
deposit, 15 asf (1.6 amp/dm’*), gave a pattern with 

TABLE II 


Relation between luster, orientation, and 
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Bath Luster Orientation Tiny T2900 
A Mirror bright Very slightly [100] 1.50 
B “ os Very slightly [100] 2.21 
C Very slightly [100] 2.46 
D " Random 1.09 
k* ” = Random 1.06 
F* as Random 1.55 
G* ; - Random 2.41 
H* " Random 4.37 
ag a ; Very slightly [100] 1.14 
J Bright Very slightly [100] 1.36 
K* Top Gray Random 2.73 
Bottom Bright Random 3.09 
L* Center Gray Random 2.06 
Edge Bright Very slightly [100] 0.35 
M Bright streak Bright Random 0.19 
Dull portion Matte Slightly [100] - 
N Heavy, brittle deposit, stripped. = 
Side next to basis metal Dull Random 1.49 
Outer surface Bright Random 1.26 
O Semibright {100} 0.098 
P Semibright | 100] 0.17 
Q Edge Semibright {100} i 0.13 
Center Gray {100} 0.44 
R Black Random 0.29 
s Gray 1110] 2.11 
T Pitted Matte {100} 0.20 
U Matte {100|+ 
Slightly [110] 0.48 
V_ Badly pitted Dull {100|+ 
Slightly [110] 0.14 


* These patterns showed slightly diffused rings, and the (200) 
terns also showed the diffuse lines. 


rings showing no spottiness whatsoever. Matte de- 
posits from semibright baths, as well as matte areas 
on deposits which were otherwise semibright, gave 
diffraction rings showing no spottiness. 

the 
diffraction rings, indicating grain sizes at or below 


The only deposits showing broadening of 


the lower optimum range of x-ray diffraction, were 
the bright panels deposited from a nickel-cobalt bath 
and from a Watts bath plus a sulfonate addition 
agent. Although these panels were usually mirror 
bright, several gray areas were present which gave 
the same diffuse diffraction rings as the typical bright 
areas. 
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The slight differences in x-ray grain sizes does not 
adequately account for the differences in brightness 
of the various deposits. 


Orientation 


[100], [110], [100] + [110], [112], [120], and [120] + 
[110] fiber axes, as well as random distribution of 
crystals, were observed ; the predominant orientation 
was | 100}. 

Out of fourteen matte panels, five had a |[100| 
orientation, three a [110] orientation, four a [112] 


relative intensities of the (111) and (200) rings 


ring was wider than the (111) ring. The spectrometer pat- 


orientation, and two a {120] orientation. Out of 
fifty-seven semibright panels, twenty-one had a ran- 
dom distribution, twenty-eight a [100] orientation, 
five a [110] orientation, two a [112] orientation, and 
one a mixed [100] + [110] orientation. Out of fifteen 
bright panels, eleven had a random distribution, 
three a [100] orientation, and one a [120] orientation. 

The matte deposits usually had as high degree of 
preferred orientation as the semibright and bright 
deposits, and many of the deposits with the brightest 
luster had a random distribution of crystals. An 
erroneous correlation could easily have been reached 
if only a few panels had been examined. For example, 
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a few semibright panels showed matte areas having 
a random distribution whereas the semibright areas 
had a strong [100] orientation. In other cases, how- 
ever, this was reversed, the matte area being oriented 
and the bright area randomly distributed. 

Table II gives data concerning some special pro- 
prietary baths, which are listed according to the 
luster of the deposits obtained. The table shows the 
orientation and relative intensity of the (111) and 
200) rings, as determined by the Geiger-counter 
spectrometer. This intensity ratio is a measure of 
the degree of orientation. Three independent sets of 
data taken from the Hanawalt Card Index File (25) 
give I11/ 1 as 2.00, 2.00, and 1.15, respectively, for 
randomly distributed powder specimens of pure 
nickel. If the plated specimen were perfectly oriented 
with respect to the [100] direction, the (100) reflec- 
tion would be completely absent, whereas in a less 
perfectly oriented deposit a few (100) planes would 
be in a position to reflect, and a weak ring would 
result. Since the crystals are arranged through 360° 
around the fiber axis, many (111) planes would be 
in a position to satisfy the Bragg conditions of re- 
flection, and a stronger ring would result. Similarly, 
other orientations give intensities which differ from 
those of randomly oriented samples. 


CONCLUSIONS 

1. [100], [110], [100] + [110], [112], [120], and 
120] + [110] fiber axes, as well as a random dis- 
tribution of crystals, were observed in matte, semi- 
bright, and bright nickel electrodeposits; the pre- 
dominant orientation was the {100}. 

2. No correlation existed between brightness and 
orientation of the crystals in the large number of 
panels of electrodeposited nickel examined. 

3. The property of brightness in nickel deposits is 
not due largely to grain size as the x-ray grain sizes 
of matte, semibright, and bright nickel electro- 
deposits were found to be of the same order of 
magnitude. 

4. The anomalous meridial intensity maximum 
present on the (200) ring of the deposits having a 
(100| fiber axis was shown to be due to twinning on 
the (111) plane. 
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of the Current Density Distribution 


in Electrolytic Cells' 
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ABSTRACT 


The current distribution at plane eleetrodes of finite breadth is caleulated under the 


assumption of a linear polarization curve. The current distribution at triangular-wave 


profile electrodes is calculated for zero polarization, and an approximate solution is 


given for high polarization. Results of the theoretical analysis are compared to experi 


mental data reported by Mantzell 


It is shown how measurements with the Haring cell 


can be used to predict current density distributions for other geometrical conditions. 


INTRODUCTION 


In a rectangular electrolytic cell with plane elec- 
trodes parallel to each other and covering the end 
walls completely, the current density is in general 
the same at all points. The current lines are perpen- 
dicular to the electrodes in the same manner as the 
field lines in a capacitor except near the edge. Under 
most practical conditions of electroplating, however, 
a different geometry prevails and accordingly the 
current density is not uniform. A special instance is 
shown schematically in Fig. 1, where the electrodes 
cover only a certain portion of the end walls of a 
rectangular bath. The current density at the edge 
of the electrodes is higher than that elsewhere, since 
the current lines pass in part outside the space be- 
tween the electrodes. Likewise, nonuniform current 
distribution results if the electrodes are not plane 
lla. 

In general, it is desirable that the current density 


as indicated below in Fig. 


be as uniform as possible. This can be accomplished, 
for instance, by use of auxiliary electrodes or by 
shielding glass plates in order to increase and de- 
crease, respectively, the local current density. In 
addition, the current distribution depends on the 
composition of the electrolyte. As first pointed out 
by Pfannhauser (1), the higher the polarization, i.e., 
the slope of the potential-current density curve for 
the cathodic process, the more uniform the current 
distribution. This can be easily understood, for 
“polarization” means that each surface element of 
the electrode is provided with an equivalent indi- 
vidual resistance in series to the resistance of the 
electrolyte and so variations of the resistance inside 
the electrolyte due to different geometrical condi- 
tions at different points of an electrode become of 
lesser Importance. 

‘ Manuscript received May 15, 1950. This paper prepared 
for delivery before the Buffalo Meeting, October 11 to 13, 
1950. 
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Consequently, as explained by numerous authors, 
notably by (2), Blum (3), 
Gardam (4), and Hoar and Agar (5), the current 


Foerster Haring and 
distribution in an electrolytic cell is determined by 
(a) the polarization curve (electrode potential plotted 
versus current density), (b) specific electrical con- 
ductivity, and (c) linear dimensions such as breadth 
of electrodes, distance between cathode and anode, 
and distance between crests and troughs of profiled 
electrodes. 

Moreover, Kasper (6) has shown how the current 
distribution can be calculated quantitatively if a 
linear relation between electrode potential and cur- 
rent density is assumed. Then one has the third 
boundary problem of potential theory. Numerous 
geometrical arrangements of electrodes have been 
considered. The method used by Kasper, however, 
does not permit calculation of the current density 
at the edge of an electrode. It is therefore the ob- 
jective of this paper to supplement Kasper’s in- 
vestigations in this respect. 


OUTLINE OF MATHEMATICAL METHODS 


The quantitative solution of the present problem 
can be approached from different angles. First, one 
may calculate the current distribution for vanishing 
polarization, which has been called ‘primary current 
distribution” by Haring and Blum (3). At the edge 
of a cathode with a constant potential in the ad- 
jacent solution, the primary current density becomes 
infinite as shown below according to equations (33), 
(66), and (81). Consequently, the primary current 
distribution corresponds to a limiting case but seems 
hardly appropriate as a starting point for calculations 
of the actual current distribution determined by 
polarization, which has been called “secondary cur- 
by Haring and Blum (3). An 
approximate method is indicated in Fig. 6, however. 


rent distribution’”’ 


Second, one may obtain an approximate current 
distribution by starting with a uniform distribution, 
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calculating the corresponding potentials, and intro- 
ducing these values into boundary condition (10) 
as a “perturbation.” In this way, for example, equa- 
tion (70) is obtained. 

Third, one may reduce the solution of the funda- 
mental differential equation (2) to the determination 
of the intensity of line sources and sinks located at 
the conducting boundaries of the electrolyte. The 
resulting mathematical formulation is an integral 
equation as established in equations (23) and (52), 
which yield exact solutions but can be evaluated 
only by use of numerical or graphical methods. 


GENERAL EQUATIONS 
In the interior of an electrolytic cell, there are no 
free electrical charges. Therefore, Poisson’s equation 
reads 


div grad g = 0 (1) 


where ¢ represents the local electrical potential. 

If the electrodes reach from the surface of the 
electrolyte to the bottom of the cell, no dependency 
on the distance from the bottom is to be expected, 
so that differential equation (1) becomes 


do/dx + He/dy = 0 (2) 


where x and y are the Cartesian coordinates in- 
dicated in Fig. 1. To solve this differential equation, 
appropriate boundary conditions must be given. 

At insulating walls, the gradient of the electrical 
potential normal to the boundary vanishes, 


dg/dn = 0 (3) 


where n represents the coordinate normal to the 
boundary in direction of the interior of the electro- 
lyte. , 

Potential differences in the electrolyte may be 
determined with the help of probes, e.g., standard 
hydrogen electrodes with capillaries leading to the 
points between which the potential difference is to 
be determined. One of these probes in a fixed position 
may be used to define the value g = 0. 

Let ¢ be the potential of a point in the solution 
near the cathode and y, the uniform potential of 
the cathode relative to the standard hydrogen elec- 
trode of the probe which defines the value g = 0. 
Then the potential difference y. — ¢g- may be written 
as the sum of the equilibrium single electrode poten- 
tial #. (referred to a standard hydrogen electrode) 
and a polarization term AE,(/). The latter value 
is a function of the local current density J, and its 
sign is always negative. Thus, 


Y —-ge =E, 


According to Ohm’s law, the current density ./ 


+ AE.(.J). (4) 


at any point of the cathode is determined by the 
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local potential gradient and electrical conducitivity o, 
J = a(dy/dn). (5) 


Upon combining equations (4) and (5), it follows 


that 
lo 
= K.+ AE (0 =). (6) 
dn 


A similar equation can be noted for the anode. 


v ~ Pr 


We then. have all necessary conditions to calculate 
the potential g and subsequently from equation (5) 
the current density as a function of the locus pro- 
vided that the total voltage drop y. — y. between 
anode and cathode is given and polarization curves 
(potential versus current density) for both cathode 
and anode are known. 


ty 
Anode 
—T — | 
D | 
! = a _| 7 . 
| Cathode | | 
~— 20 —» 
| | 
id 2b > 
Fic. 1. Current lines between parallel electrodes 








Ee 
e' 
. P 
E+E, | 
of BE 
= J 
Fic. 2. Cathodie polarization curve (single electrode 


potential plotted versus current density). 


For practical applications it seems appropriate to 
assume a linear relation between polarization poten- 
tial and current density. In general, such a relation 
does not hold over a wide range but may be used 
as adequate approximation for current densities 
which do not deviate too much from the average 
current density as required for most electroplat- 
ing processes. Thus, in the vicinity of a point P repre- 
senting average working conditions, we can write 

, 


E. + AE. & E. + J(AE./dJ) = E. —h.-J (7) 


where E) is the ordinate intercept of the tangent 
of the polarization curve at point P?, and h, is the 
absolute slope of the tangent (see Fig. 2). 
Upon substitution of equations (4) and (5) in (7), 
it follows that 
gy. — h.o(de/dn) — K.. (8) 


= y, 
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Here the product of electrical conductivity o of 
the electrolyte and the slope h, of the cathodic polar- 
ization curve appears as a characteristic parameter, 
which has the dimension of a length. For the sake 
of brevity, we designate this parameter by k, defined 


is 
k. = ch. = o | dAE./dJ |. (9) 
Thus equation (8) becomes 
ge — k(de/dn) = % — x. (10) 


Likewise we can formulate the boundary condition 
for the anode 


Ga — kalde/dn) = fa — E, (11) 


where ¢g, is the potential of the electrolyte near the 
anode, ¥. the potential of the anode, k, the product 
of conductivity o and the slope h, of the anodic 
polarization curve, and E, the ordinate intercept of 
the tangent of the anodic polarization curve. 

The significance of the parameter k, = h.o has 
previously been pointed out by various authors, 
especially Kasper (6) and Hoar and Agar (5). It can 
be anticipated that the current distribution will be 
nearly uniform if this parameter is much greater 
than the linear dimensions which are characteristic 
of the geometry causing nonuniform current distri- 
bution, since then the resistance due to polarization 
is comparatively high. In accordance with this quali- 
tative prediction, it is shown below that in the 
arrangement indicated in Fig. 1 the current densitv 
is uniform if either the breadth of the electrodes or 
their distance from each other is much less than 
the parameter /&,. Furthermore, it is shown that in 
the case of a triangular-wave profile of a cathode, 
illustrated in Fig. lla, the current density is nearly 
uniform if the periodic length is much smaller than 
the parameter i, . 


Parallel Electrodes at a Distance Great in Comparison 
lo Their Breadth 


Let us assume a rectangular cell with plain elec- 
trodes shown in Fig. 1 where the distance D from 
cathode to anode and the breadth 2b of the cell 
filled with electrolyte are much greater than the 
breadth 2a of the cathode. 

To calculate the potential as a function of the 
locus, we have to solve differential equation (2) with 
the following boundary conditions. 

1. At the cathode, we have to satisfy equation 
(10), which for the special conditions under con- 
sideration can be rewritten as follows: 


¢g — k.(d¢/dy) = y% — E. at |x| <a, y = 0. (12) 


2. At the walls of the cell, the potential gradient 
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normal to the boundary must vanish according to 


equation (3). Hence 
dg/dy = 0 at a<|a| <b,y = 9, (13) 


dg/dx = 0 at |x| =b,y>0. (14) 


No special boundary condition referring to the 
anode needs to be taken into account, if the anode 
is supposed to be at infinite distance from the 
cathode. 

For the sake of simplification, we also assume that 
the side walls are for remote (b > a). Then boundary 
condition (14) does not need to be taken into account 
explicitly. 

A particular solution of differential equation (2) 
reads 


g=In{((x@—m) + (y-—m)1+Q ~— (15) 


where C; is a constant and 2, and y are the co- 
ordinates of a linear source of field lines due to the 
presence of electrical charges. It will be shown that 
the problem under consideration can be solved by an 
appropriate superposition of particular solutions of 
the general form (15). 

It is expedient to refer all linear dimensions to the 
half-breadth a of the cathode as unit length. Thus 
the dimensionless variables 


& = x/a (16) 
n = y/a (17) 


are introduced instead of « and y. Then the potential 
g as function of — and » may be written as follows: 


#1 
g = [ mc) In [(E — > + de + C2. (18) 


This expression represents a superposition of par- 
ticular solutions (15) corresponding to linear sources 
along the cathode, where the yet unknown function 
m(¢) is proportional to the intensity of the local 
source at points ¢ = §&, » = 0, and (> is a constant. 

To determine the function g,(é), we have to use 
boundary condition (12). To this end, we calculate 
the potential gradient at the cathode by differentiat- 
ing equation (18) with respect to y, 


(*) > 5 (32) 
Oy J y=0 a \On /n=0 
= lim (! [ 2ngs (S) d¢ ) 
n—0 \a da (E — §)? + oJ) 


If » tends to zero, the integrand vanishes except 
at ¢ = &. Hence, 


(%) _ 2m) fe dE — 9)/a] 
dy /y—0 a -o | + [(& — &)/nP 


_ 2aqi(€) 
a 


(19) 


(20) 





Th 
kind. 


so th: 
gr (é) 


Sol 


puted 


Fic 
tributi 
the ar 
are fa 
4/r=1 
0.64; | 
(d) k 


(e) ke/ 


a sum 
&; anc 
for th 
tion 1 
be co 
additi 
formu 


gi (é) 


L+ (¢ 


yields 

or k, 
Sin 

the lo 


51 


par- 
rces 
Lion 
ocal 
aunt. 

use 
late 
Lat- 


(19) 


cept 


(20) 





Vol. 98, No. 3 


Substituting equation (18) and (20) in equation 
(12) and multiplying through by a/2zk. , we obtain 


g(t) = (a/2nk.)(E. — ve + C2) 


+1 (21) 
+ (a/2rk-) / q(t) In (& — ¢)* de. 
—1 


This is a Fredholm integral equation of second 
kind. It may be simplified by substituting 


g(t) = (a/2mk.)(E. — ve + C2)gi(é, (22) 


so that equation (21) becomes 


atl 


g(t) = 1—( rk) | gt (O[—In| & —¢ |] dg. (23) 
l 


Ss 


Solutions of integral equation (23) have been com- 
puted by replacing the integral in equation (23) by 
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gi (é), the ratio of the local current density J to 
the average current density J,, equals 
J gi (é) . 
7 = — , (25) 
= [ gi (t) dé 
0 


Graphs of the current-density ratio J /.J,, for vari- 
ous values of the dimensionless group k./a as func- 
tions of | — | = x|/a are shown in Fig. 3. 
As qualitatively predicted, deviations from the aver- 
age current density are highest at the edge of the 
electrode. The ratio J/Ja, for the edge of the elec- 
trode as a function of a/k, is shown in Fig. 4. For 
small values of a/k., the ratio J/J,, increases 
linearly. From equations (24) and (25) it follows that 


J(\a| = a)/Jav - 
aI (| x | = Jo) __ 1 _ gg0itg ke €1. (26) 
d(a/k,) T 


3.0 
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x/a 


a sum involving values of g; for specified values of 
&; and solving the resulting set of linear equations 
for the unknowns gi (Ei) by means of a special itera- 
tion method suggested by Wagner (7) which may 
be considered as a modified Seidel method (8). In 
addition, it can be shown that the approximate 
formula suggested in Wagner’s paper 


¥/, 
gi (§) = +i = 


1 + (a xk) | [—In |& — ¢\] dg 
Jy 

(24) 
l 


1+ (a/rk.)(2- (1+ 8) In(1+é) — (1 —s) In (Ql —8] 


yields an accuracy better than 3 per cent if a/ak. < 4 
ork,./a > 0.6. 
Since according to equations (5), (20), and (22) 


the local current density is proportional to g:(é) and 


For larger values of a/k,., the curve in Fig. 4 
turns toward the abscissa and finally rises approx- 
imately proportional to the square root of the ratio 
a/k, as stated below in equation (34). 

As a limiting case, we may disregard polarization 
and thus have a constant potential of the solution 
near the cathode, 


g=¢-at|x| <a,y = 0. (27) 


The solution of this problem can readily be found 
by means of conformal mapping. The half-plane 
ABCDE of the z-plane shown in Fig. 5a is trans- 
formed into the semi-infinite strip of the 2’-plane 
shown in Fig. 5b by the transformation 


2’ = sin ~'(z/a) (28) 


where z and 2’ are the complex variables x + iy 
and x’ + iy’, and the coordinates x, y, x’, and y’ are 
defined as indicated in Fig. 5a and 5b. Details of 
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this transformation and others used below are given 
in textbooks (9). The boundary conditions (27), (13) 
and (14) for the z-plane become in the z’-plane 


¢=¢-at — 4x <2’ < Dar, y =, (29) 
dg/dx’ = Oat a’ = +31, vy > 0. (30) 

These conditions are satisfied by 
¢ = oe + CRe(—iz’) (31) 


where Re (- - -) is the real value of the subsequent 
expression, and (’; is a constant to be eliminated be- 


low. Upon substitution of equation (28) in equation 
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In addition, equation (33) may be used to obtain 
an approximation if polarization is relatively small, 
i.e., a > k.. In Fig. 6, curve I represents the poten- 
tial in the solution as a function of the coordinate 
«fora > a, y = 0as calculated from equations (31) 
and (28). Curve II represents the potential for 2 > a, 
y = 0, i.e., near the electrode, calculated from equa- 
tion (12) with values of dg/dn according to equation 
(33) for zero polarization, thus actual polarization 
being considered as small perturbation. As Fig. ¢ 
shows, the potential in the vicinity of the edge of the 


electrode (x = a) is then represented by two diverg- 


Fic. 4. Current density at the edge of a 
cathode as a function of the ratio of half 


breadth a to parameter ke . 
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(31) and differentiation, it follows that the potential 
gradient at the cathode equals 


dg/dy = C{1 — (v/a))° for |a| < a,y=0. (32) 
Hence the ratio of local current density to average 
current density, equal to the ratio of local potential 


gradient to average potential gradient, becomes 


Js 
Na 


T ay/ay 2 
tL (0¢/ OY) av_}\z\ <a.y—0 wil — (x/a)*|!/* 


Under these conditions, the current density at the 


(33) 


edge of the cathode becomes infinite. This is actually 
not the case, since polarization, disregarded in the 
derivation of equation (33), never vanishes com- 
pletely. So equation (33) represents only a limiting 
solution. A graph is shown in Fig. 7. 
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ing branches. This divergence is due to the fact the* 
the potential gradient and the current density 

‘ a, y = O tend to infinity for k. = O and a 
cordingly the polarization term in equation (12) used 
for the calculation of g cannot be considered as small 
perturbation at « = a. Actually, the potential must 
be given by a smooth curve. If we assume that 
polarization affects mainly the current distribution 
in the immediate vicinity of the edge, we may draw 
the common line tangent to curves I and II (broken 
line in Fig. 6) and take it as an approximation for 
the transition from curve | to curve II. 

Inserting interpolated values of g(x, y = O) in 
equation (12), we can then calculate the potential 
gradient and therefrom the loca! current density for 
x = a with the aid of equation (5). Disregarding 


higher-order terms, one can show that 


= ae 93/4 } 
J( |x| a) Vas ~ 3 (,") ifa<k.. (34) 
. = v Ke 


Mantzell (10) has made measurements of the cur- 
rent distribution under conditions close to those in 
the foregoing theoretical analysis. The cathode con- 
sisted of twenty strips of copper, each 1 em broad 
and 20 cm long, mounted on a plate of hard rubber. 
The distance between neighboring strips was 0.1 
em with hard rubber as insulating material between, 
so that the total breadth of the cathode was 21.8 
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em. The current flowing through each strip was 
measured separately. Care was taken that the in- 
ternal resistance of the ammeter did not cause po- 
tential differences among the individual copper strips. 
The electrolyte was a five per cent solution of sodium 
carbonate. A nickel-plated iron sheet with the same 
dimensions as the cathode was used as anode. The 
breadth of the cell was 39 cm. The interelectrode 
distance was varied from 5 to 48 em. 

The 


lectrode distance of 48 em is shown in Fig. 7. This 


current density distribution for an inter- 
distance is only about twice the breadth of the 
cathode, but in view of results for an interelectrode 
distance of 20 em, no substantial change of the 
current density distribution is to be expected when 
the interelectrode distance is enlarged beyond 48 
em. 

The slope of the potential-current density curve 
has not been determined by Mantzell, but it may 
be calculated approximately as follows. The cathodic 
electrode process was development of hydrogen. 
Using the Tafel equation for the overvoltage of 
hydrogen as a function of current density (11), we 
have 


AE.(volt) = — constant — 0.116 log J. (35) 
Upon differentiation, it follows that 


‘volt amp em’) = | dAE,/dJ 


= (.050/J(amp/em’). (36) 

The observed current density varied from 0.027 
to 0.090 amp/cm*. The specific electrical condue- 
tivity of the electrolyte was ¢ = 0.045 ohm ‘em | 
Hence, the value of k, was between the limits 0.083 
and 0.025 em, and that of the dimensionless group 
k./a between 0.0075 and 0.0023. Consequently, we 
have to expect that the observed values are close 
to the curve calculated for k./a = 0 as limiting case. 
Fig. 7 shows that there is indeed a good agreement 
between observed and calculated values. Deviations 
are mainly due to (a) the finite interelectrode dis- 
tance in Mantzell’s experiment, (b) the finite breadth 
of the cell, and (c) the finite breadth of rubber in- 
sulation between neighboring copper strips of the 
cathode. 


Parallel Electrodes at a Distance Small in 
Comparison to Their Breadth 


The location of electrodes considered in this sec- 
tion is shown in Fig. 10a. Cathode and anode at 
distance D are supposed to extend from x = 0 to 
infinity at the right, whereas isolating walls are 
assumed at the left. It is assumed that the polariza- 
tion parameters /, and k, for cathode and anode, 
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respectively, have the same numerical value. Hence, 
the midplane at y = 4D between cathode and anode 
is a plane of symmetry, whereby the problem is 


greatly simplified. From the general equations (10), 
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for zero polarization). 


(11), and (3), we obtain the following boundary con- 
ditions: 


¢ —k.(d¢/dy) = % — E. atz>0, y=0 (7) 
¢+k(d¢/dy) = Wa —- Ev atx >0, y=D_ (38) 
0¢g/dy = Oatzxz <0, y=O0 
(39) 
andz <0, y = D. 


For the sake of simplification, we introduce the 
dimensionless variables 
(40) 


& = 3n2x/D, n = 4ay/D. 
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Also in this case, one could employ the particular 
solution (15) of the Laplace equation (2). It is ex- 
pedient, however, to use a modified particular solu- 
tion which satisfies automatically boundary condi- 
tion (39). This is satisfied if an infinite series of 
alternately positive and negative line sources is as- 
sumed. For a series of negative charges at — = 0, 
7 = 0, +7, +22, °--- 
charges at — = 0, 7 = 3m, +30, +}, --- 
the well-known particular solution 


, and a series of positive 


, we have 
¢ = Relln tan (& — n)) + o(n = fr) (41) 
where g(n = }) is a reference potential, independent 


of &. 


If the common coordinate of the line sources is 


wer 
II 


¢ instead of — = 0, we have 


Re{In tan [(§ — i — nl} + ¢@ =3n). (42) 


6 


Now we can build up the final solution by super- 
position of particular solutions (42), 


- (43) 
[ g(¢t)Re {Intan[(é — ¢)¢ — yl} dt + elm = 32) 
0 


where go(£) denotes the distribution function of nega- 
tive line sources along the £-axis to be determined 
below. From equation (43) it follows that 


en = 0) = - 


[ o-@) 0 m tanh*@ — O1 ae + el = 3) 
0 


(d¢/0n),-0 = mgo(€). (45) 


Substituting equations (44), (45), and (40) in 
equation (37) we obtain 


l g.(¢)[4 In tanh’ ( — ¢)] dt + ¢(y = 3x) 
0 (46) 


—(k,x*/2D)g(t) =~ — E. for &>0. 


If € > 1, the charge distribution corresponds to 
that of a plate condenser apart from the edges, i.e., 
g(&) is independent of £, equal to g(t = ~«), and 
dg/An is independent of n. Thus 
o(n == 42) — olt,n = 0) = 49(0¢/dn) for — >1. (47) 


Upon introduction of equations (44) and (45), it 
follows that 


@ 


[ 1 In tanh’(¢ — ¢) d¢ = —1e? foré > 1. (48) 
0 


We then introduce a new variable 
g2 (&) = [go(t)/g( = ©)] — 1. (49) 


Dividing equation (46) through by g.({é = «) 
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and substituting equation (49), we have 
[ [1 + g2(¢)][4 In tanh*(é — ¢)] de + em = 4x) 
0 


—(ker*/2D)[1 + g2 (8) = Ye—E)/gelé = ©). (50) 


Ifé> 1, qa (é) vanishes and equation (50) becomes 


[ } In tanh’(é — ¢) dé + o(n = 1x) — ken’ /2D 
0 7 
(51) 


= (Y — ED) /glé = %) for 


Subtracting corresponding sides of equations 
(50) and (51), substituting equation (48), dividing 
through by k.r°/2D, and regrouping, we obtain 
g2() = (2D/x°k.) 


( 2 
) te, * oe anh*(¢ — ¢)]¢ 
{JO I go (¢)[—4 In tanh*(é — &)] i} 


s> 1. 


(52) 


where f(£) is a known function of & defined as 
fl) = 4x — [ [-} im tanh — 9] a. (53) 
() 
The local current density J is proportional to the 
distribution function go(é). Referring to the current 


density J, far from the edge, we have in view of 
equation (49) 


If 2D/m'k. “K 1, g2() is much less than unity 


and, accordingly, the integral on the right of equa- 


tion (52) may be disregarded in comparison to the 
foregoing function f(¢). Thus we have the approxima- 
tion 


J 2D Wx , =p 
= [+ (ss) if D&k. (55) 


wo 


Since in view of equation (48) 


Us 


+20 
== / 1 In tanh’¢ d¢ (56) 


: | [ 4 In tanh*(é — ¢) ar| = —}r, 
2 |_4o cameo 


we obtain from equations (53) and (55) for the edge 
of the electrode ( =O) the special relation 


~] 


In tanh’(é — ¢) ar| 


t=0 


wl 


— =] +ir for <=0 iff D<Ek. (52) 


Solutions of integral equation (52) for various 
values of the parameter D/k. have been computed 
in a similar fashion as for integral equation (23). 
Results are shown in Fig. 8. The local current density 


2 (£). (54) | 
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at the edge of the electrode as the most critical point 
is shown in Fig. 9. At its beginning, the curve rises 
proportional to D/k, in accordance with equation 
(57) and then turns toward the abscissa, finally the 
excess current density increasing proportional to the 
square root of the ratio D/k, as shown by considera- 


Fic. 8. Current density distribution at a cathode 
if the interelectrode distance is small in comparison 
to the breadth of electrodes. (a) ke/D = 8/2? = 0.80; 
b) ke/D = 4/x? = 0.40; (c) ke/D = 2/x* = 0.20; 
(d) ke/D = 1/x? = 0.10; (e) k-/D = 0. 
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This problem may be solved by means of con- 
formal mapping. The infinite strip ABCDEF of the 
z-plane in Fig. 10a is transformed into the semi- 
infinite strip A’B’C’D'E’F’G’ in Fig. 10b by the 
transformation 


?’ = sin [exp(rz/D)| (60) 
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tions similar to those presented in connection with 
Fig. 6, leading to equation (34). 

In addition, we consider electrodes without polar- 
ization as a limiting case. Then we have constant 
potentials yg, and ¢, in the solution near the cathode 
and the anode, respectively, 


g=¢ at x«x>QO0, y = 0 (58) 
g=¢. at zt>QO0, y=D. (59) 


where z and z’ are the complex variables « + iy and 
x’ + iy’, and the coordinates x, y, x’, and 7’ are 
defined as indicated in Fig. 10a and 10b. Boundary 
conditions (58), (59), and (39) become in the z’-plane 


¢ at x’ = —}n, y’'> 0, (61) 


II 
6 
S 


¢=¢ at 2’ = +4+4n, xy’ > 0, (62) 


dg/dy’ = Oat —tar <a’ < +4r, y' = 0. (63) 
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These conditions are satisfied by 
¢ = 3¢a + ¢-) + Ga — ¢-)/m] Re 2’. (64) 


Upon substitution of equation (60) in equation 
(64) and differentiation, it follows that 





dg / dy [(ga — ¢-)/DI1 — exp (—2z2xr/D)\* 
for « >O, y = 0. (65) 
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Conformal mapping IIT (triangular-wave cath- 


In view of the proportionality of local current 
density to local potential gradient, we obtain 


J | 
J, [lt — exp (—2x2/D)}}" 


a 


(66) 


This solution for vanishing polarization is also 
shown in Fig. 8 as limiting case. 


Triangular-Wave Cathode Far Remote from Anode 


In electroplating practice, profiled electrodes with 
crests and troughs play an important part. We there- 
fore inquire into the current distribution at a tri- 


the 
anode is supposed to be much greater than the dis- 


angular-wave cathode, whose distance from 
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tance 2a between consecutive crests (see Fig. 11a), 
This problem can be tackled in the same principal 
manner as the problems considered above. Also in 
this case, the problem can be reduced to the solution 
of an integral equation. In view of the lengthiness of 
calculations for the general case, however, we confine 
ourselves to limiting values of the ratio k,/a. 
First we assume that the polarization parameter 
i. is much greater than the distance 2a between 
consecutive crests. Accordingly the current density 
and the potential gradient in the direction of the 
y-axis are nearly uniform throughout the cell. Thus 
the potential gradient normal to the surface of the 
section BC of the cathode equals 
(dg/dn) = cos al(dg/dy)y—+ 
a<k. 


for or< a\<la, y=axtana if (67) 


the 
x-axis in Fig. lla. The potential in the solution near 


where a denotes angle between cathode and 


the cathode at a point x, y = x tan @ minus the 


potential at x = 0, y = 0 equals 


g(x,y = x tana) — g(x = 0, y = 0) 
(68) 
~ zr tana (d¢/dy),—»- 


Substituting this potential difference in equation 
(10), we obtain the following difference of potential 
gradients normal to the surface of the electrode, due 
to polarization, 


(de/dn)zey—z tana — (de/dn)s~0,y—0 


(69) 


= (r/k.) tana(dg/dy),_. for 0<a<a. 


Since the local current density is proportional to 
the potential gradient, we obtain upon combining 
equations (69) and (67) 


J (x, y =x tana) — J(z = 0, y = 0) 


Jas 7 
. (70) 

r sin ““ 

~ I a f 


- a=. &. 
ke COS” a@ 


The ratio of the maximum current density differ- 
ence, occurring between crests and troughs, to the 
average current density, therefore, equals 


=atana) — J(r = 0,y = O) 


ee 


J(ex = a,y 


(71) 
a sine 
voor ; 


k. cos? a 


The last two equations correspond to equations 
(26), (55), and (57) in the foregoing Sections. 

We next consider the opposite case of vanishing 
polarization corresponding to a constant potential 
¢- in the solution near the cathode, 


g=¢gatO0<ar<a, y=rtana. | 
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Because of symmetry, we confine our considera- 
tion to a section BC of the cathode indicated in Fig. 
jla. The semi-infinite strip ABCD of the z-plane 
in Fig. lla is to be transformed into the upper half 
of the z’-plane in Fig. 11), and subsequently into the 
strip A” B’C’D" of the 2’-plane in Fig. Ile. Ac- 
cording to the Schwarz-Christoffel transformation, 
the z-plane is related to the 2’-plane by 


z= (a ) | (f+ 1" (2? — 1) "idz’, (73) 
=" 
whereupon an inverse relation 2’ = y(z) can be de- 
fined. 
The z’-plane in Fig. 11) is transformed into the 
?"-plane in Fig. lle by the relation 


” , 


° 1 - 

sin Z. (V4) 
Boundary condition (72) becomes in the 2’’-plane 
g=g at —fr <a" <j}, y” = 0. (75) 


Because of symmetry, the potential gradient 
normal to the lines AB and CD in the 2-plane 
vanishes. Hence, 

dg/dy"” =O at a” =+4h0, yy” > 0. (76) 

The foregoing boundary conditions are satisfied 

by the relation 


g = —C(,Re iz” (77) 


where C, is a constant to be eliminated below. 
Substitution of equation (74) yields 


g = —(,Re(i sin 'z’). (78) 
Then the potential gradient normal to the cathode 
becomes in view of equations (78) and (73) 


dg 0g . dg 
( 4 = _- sin @ + COS @ 
dn J <.y—ztane Ox oy 


where 2’, corresponding to a point along the line 
BC’ in Fig. 11b, is a real number between —1 and 
+1. 

Furthermore, it follows from equations (78) and 
(73) that the potential gradient with respect to y 
far from the cathode Is 


(°°) = Ce. (80) 
OY J y=« ,a 

Division of corresponding sides of equations (79) 
and (80) yields the ratio of potential gradients at 
cathode and anode, equal to the ratio of local catho- 
die current density to anodie current density. The 
cathodic area equals (1/cos a) times the anodic area, 
and thus the average cathodic current density equals 
cos a times the anodic current density. Hence the 


ratio of local cathodic current density J to average 
cathodic current density J,, becomes 


J | l + Ay 
_= ' (81 
fae COS @ (| — 7’ ) 


To evaluate this equation, we have to calculate 
the value of 2’ for specified points of the cathode 
in terms of x with the aid of equation (79). The locus 
of the cathode in the z-plane is according to Fig. 
lla given by the equation 


2 = x(1 + 7 tan a) (82) 
whence 
x = 21 +itana)' = 2-1)" cosa. (83) 
Substitution of equation (73) in equation (83) 
yields 


zx = (a r) | fy = ey ar. TE 
1 


B'C’ in the z’-plane to the value of x in the z-plane, 


This equation relates a given value of 2’ along 
| £ g 


so that we can draw a graph relating x and 2’ from 
which we can read the value of z’ for a given point 


v,Yy = x tan a. 

For the limiting case of zero polarization, the 
current. density becomes infinite at crests (x7 = a, 
i.e., 2’ = 1). If there is polarization though relatively 


small (a > k,), however, the current density at the 
crests remains finite and may be calculated approx- 
imately with the help of considerations presented 
above in connection with Fig. 6. 

The current distribution at triangular-wave pro- 
file electrodes has been investigated by various 
authors. Here we discuss Mantzell’s measurements 
on the electrodeposition of zine (12) and compare 
them to results of the foregoing theoretical analysis. 
The set-up was similar to that used by Mantzell 
(10) for the determination of the current distribution 
on a plane electrode (see above). The characteristic 
length of the cathode defined in Fig. lla was 13.5 
em, and the inner angle at point B in Fig. lla was 


75 degrees, corresponding to a = 3(180-75) = 52.5 
degrees. Each side of the triangular cathode con- 
sisted of ten strips 2 em broad each. The average 
current density was 0.0125 amp/em*. The current 
flowing through each strip was measured separately. 
The distance from the protruding edges of the elec- 
trode to the plane anode was varied from 6 to 24 
em. In accordance with qualitative theoretical con- 
siderations, the nonuniformity of the current-density 
distribution increased slightly with decreasing dis- 
tance from cathode to anode. Here results only for 
a distance of 15 em are considered. 

In Fig. 12 and 13, some of Mantzell’s results are 
shown and contrasted to values calculated from equa- 
tions (81) and (84) for zero polarization. In addition 
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Table I lists characteristics of the electroplating 
solutions employed in these runs. Values of slopes 
h, of polarization curves and likewise values of the 
parameter /, are rather crude since they have been 
derived only from small-scale graphs in Mantzell’s 
paper. 
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Fic. 12. Current density distribution. for electrodeposi- 
tion of zine at a triangular-wave cathode after Mantzell. 
O Solution I: 150 g ZnSO,-7H.O/l + B(OH);; & Solution 
Il: 150 g ZnSO,-7H.O + 50g (NH,).SO, + 1000 g H.O. The 
solid curve has been calculated from equations (Sl) and 
(84), valid for zero polarization 
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are rather close to the solid curve calculated for zero 
polarization. Deviations are due not only to finite 
polarization but also to the finite distance between 
and anode in Mantzell’s 


cathode experiments, 


~ ols 
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Fic. 13. Current density distribution for electrodeposi- 
tion of zine at a triangular-wave cathode after Mantzell. 
O Solution III: 136 g ZnCl./l + B(OH);; & Solution IV: 
136 g ZnCl. + 214 g NH,Cl + 20 g AICl;,-6H.O + 1000 g 
H.O; + Solution V: 45 g K2Zn(CN), + 15 g KCN + 20g 
NaCl + 20 g NaOH + 1000 g H.O. The solid curve has been 
calculated from equations (81) and (84) valid for zero polar 
ization. 











TABLE IL. Electrical conductivity ¢ (ohm~‘em-), current densities J (amp/cm?*), slopes he of polarization curves (volt/amp/em?), 
parameters ke = ah-(em), and ratios k,/a for electrodeposition of zine, after Mantzell 
(Compositions of solutions are compiled in captions of Fig. 12 and 13) 
Values at inner corner (Strip 10) Values at outer corner (Strip 1) 
Solution 7 

J he ke ke/a J he ke ke/a 
I 0.031 0.0023 2.5 0.08 0.006 0.045 | X0.2 X0.006 X0.0005 
II 0.074 0.0039 2.0 | 0.15 0.011 0.037 X0.2 X0.015 X0.001 
Il! 0.089 0.0031 2.2 0.20 0.015 0.034 X0.2 X0.018 <0.001 
IV 0.265 0.0042 2.4 0.64 0.05 0.029 X0.4 X<0.11 <0.01 
V 0.144 | 0.0063 16 2.3 0.17 0.025 A1.5 -0.22 —0.02 


The slope of all polarization curves depends con- 
siderably on current density. Consequently, we dis- 
cuss conditions for strips near the inner corner of the 
electrode (Strip No. 10) and strips near the outer 
corner (Strip No. 1) separately. 

Values of the parameter k,. for current densities 
at strip 1 next to the outer corner are considerably 
less than | cm, and so values of the dimensionless 
group a/k, are much greater than unity. In accord- 
ance herewith, measured values for strips 1 to 5 


whereas an infinite distance has been assumed in the 
theoretical analysis. 

At strips near the inner corner, especially strip 10, 
current densities are relatively small. In view of the 
curvature of polarization curves schematically shown 
in Fig. 2, values of h, and k. are therefore much less, 
and accordingly there are deviations from the curve 
‘alculated for zero polarization, especially for the 
cyanide bath, which has the highest value of k.. 

Mantzell (13) has also investigated the electrode 
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position of nickel on electrodes of the same shape. 
At high current densities, for which the slope of the 
potential-current density curve was relatively small, 
current density distributions similar to those for 
zinc were obtained. At low current densities, for 
which the slope of the potential-current density 
curves was large, however, thé current distribution 
was more uniform. 
CONCLUSIONS 

In accordance with Kasper (6), Hoar and Agar 
(5), and other authors, the foregoing analysis shows 
that the ratio of local to average current density is 
essentially determined by the ratio of a characteristic 
length L to the parameter k,. , defined by equation 
(9) as product of the electrical conducitivity o of 
the solution and the derivative of the single poten- 
tial of the cathode with respect to current density. 
Depending on the special geometry, the characteris- 
tic length L may be breadth of the electrode, inter- 
electrode distance, or periodic length characteristic 
of a profiled electrode with crests and troughs. 

In principle, it would be possible to make calcula- 
tions for even more complex conditions, e.g., for 
nonlinear polarization curves. For most practical 
needs, however, rather crude approximations seem 
sufficient. These may be based on equations or graphs 
for instances analyzed above. In particular, such 
estimates may be helpful in the planning of future 
experimental investigations. 

In the foregoing considerations, it has been as- 
sumed that the parameter k, is known. According 
to the definition in equation (9), the value of k, is to 
be calculated from the electrical conductivity o of the 
solution and the derivative of the single potential 
of the cathode with respect to current density. For 
practical purposes a simpler method seems desirable. 
This may be based on measurements of the current 
distribution in a Haring cell, care being taken that 
the internal the ammeters are 
sufficiently low. Haring and Blum (3), Gardam (4), 
Hoar and Agar (5), and others have shown that 
the current distribution in a Haring cell is determined 
by linear dimensions and the parameter k, . 

Let us assume two plane cathodes 1 and 2 at 
distances L, and L, from a gauze anode between the 
cathodes. Then it follows from equations (5), (7), and 
(9) that the ratio of the currents J, and /, flowing 
through cathodes 1 and 2, respectively, equals 


I; h, + Le o e + Le 


zt &At+L/e £4, 


resistances of 


(85) 
as previously derived by Haring and Blum (3), 
Gardam (4), and Hoar and Agar (5). Here the param- 
eter k, may be considered as the length of the 
solution whose resistance causes an JR drop equal 
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to the shift of single potential due to polarization in 
the case of a linear potential-current density curve. 

Thus far, measurements with the Haring cell have 
been used to characterize the “throwing power’’ of 
different solutions under standardized geometrical 
conditions. For a given solution, however, the current 
ratio [,/I, depends not only on the distance ratio 
L/L. but also on the absolute value of the dimen- 
sions as particularly pointed out by Gardam (4). 
Instead, one may also say that the current ratio J,/J2 
depends on both length ratio L,/L2. and ratio 
k./(In + Le), for equation (85) may be written as 
follows: 





ke + L. 
Ih L, + Le L, + Le 7. 
i ee EAR... rE (86) 
Ts ke ma (1 i Lz ) 
I, + Ly L, + Ly 


To characterize the throwing power of a galvanic 
bath in a more general fashion, it seems expedient to 
salculate the value of k, and therefrom the dimen- 
sionless group L/k, for the conditions of immediate 
interest. If the value of L./k, is not much greater than 
unity, one may expect moderate deviations from 
uniform current density distribution. But a fairly 
uniform distribution will be reached only if the value 
of L/k, is less than unity. 

Upon solving equation (85) for k, we have 


ke a (Ia + Lz) 
Le I. Ly I; 


‘Li thh-h h+hh- i} a 


For practical purposes the length ratios inside the 
brackets are to be replaced by the ratio of the cor- 
responding resistances of the solution determined 
by means of alternating current eliminating polari- 
zation. 

If measurements with the Haring cell are evalu- 
ated in this way, one does not need to use standard- 
ized lengths. Instead, it is desirable to choose the 
lengths L, and Lz so that the currents J; and J, do 
not differ too much, since equation (87) is based on 
the assumption of a linear polarization curve. For 
instance, it seems recommendable to choose condi- 
tions so that /;/J. = 2. Further analysis shows that 
a ratio L,:L2 = 1:5 is quite favorable. If [,/I, = 2 
and 1,/L. = 3, it follows from equation (87) that 
then the total distance LZ, + LL. must be about twice 
the parameter k, . Moreover, it can be shown that a 
maximum accuracy for the determination of k, can 
be reached if L,/L. = ¢ and J,/I, = 2, or L, + Le = 2 
| 

Under usual experimental conditions, it is hardly 
possible to use a total length less than 3 em. If L,; = 
0.5 em, Le = 2.5 em, and k, = 1.5 em, as is the ease 
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in many instances according to values compiled in 
Table I, the current ratio /,//> will be greater than 
2 as readily follows from equation (85). Conse- 
quently, it is frequently not possible to realize a 


value of [,/Te 


ever, to choose the total distance L, + Lz not greater 


2. It seems recommendable, how- 


than necessary for experimental reasons in order to 
render the ratio /;//. not too large. 

For practical electroplating, not the current den- 
sity but the amount of metal electrodeposited per 
unit area per unit time is of immediate interest. The 
latter value can easily be obtained upon dividing the 
local current density by 96,500 and multiplying by 
the metal’s equivalent weight and current efficiency, 
which is defined as the fraction of the current used 
for electrodeposition of metal. If the current effi- 
ciency as a function of current density, n(./), is 
given, one can therefore draw graphs for the ratio 
of local to average metal deposit per unit area, this 
ratio being equal to the current density ratio J Ja» 
times current. efficiency ratio n(/)) n(J av). 

To attain a more uniform current distribution for 
a given geometry only by chemical means, one has 
to increase the value of the parameter /, . This param- 
eter is defined as the product of electrical con- 
ductivity and the slope of the potential-current den- 
sity curve. Consequently, one may increase the value 
of k, either by increasing the electrical conductivity, 
e.2., by adding salts not involved in the electrode 
processes, or by increasing the slope of the potential- 
current density curve. The latter can be accomplished 
by adding ot colloids, or by use of a solution con- 
taining complex ions. Since a greater slope of the 
potential-current density curve is found, in general, 
at lower current density, a more uniform current 
distribution is attainable at lower current densities, 
but the dependence of current efficiency on current 
density may render this measure practically useless. 
This is especially true for the electrodeposition of 
chromium. 

In view of the smallness of values of k., even 
for cyanide solutions, as shown in Table I, electro- 
lytes of different chemical composition and with 
different values of k, yield substantially different 
current distributions only if the characteristic linear 
dimensions are of the order of 1 em or less. ‘To demon- 
strate the merits of a bath with regard to throwing 
power, it is therefore important to use relatively 
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small cathodes in spite of experimental difficulties, 


Considerably greater differences of the nonuniformity 


of the current distribution for various electrolytes 
would have been obtained in Mantzell’s investiga- 
tions if smaller electrodes had been used. The exist- 
ence of a “scale effect” has been pointed out notably 
by Agar and Hoar (14). 

At cathodes with characteristic dimensions greater 
than several centimeters, the current distribution 
equals mainly the “primary current distribution” 
and is, therefore, essentially independent of polariza- 
tion phenomena and the chemical composition of a 
bath. If a fairly uniform current distribution is to 
be accomplished over larger dimensions, anodes of 
proper shape, auxiliary electrodes, and shields of 
insulating material must be used. 
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